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PREFACE 


The aim of the first edition of this book was to provide a concise modern text- 
book of inorganic chemistry which was long enough to cover the essentials, yet 
short enough to be interesting. It provided a simple and logical theoretical 
framework into which the reader should be able to fit his factual knowledge. It 
was intended for those reading for Part I of the Grad.R.LC. examinations, for 
first and second year students at universities and polytechnics, and for 
Higher National Certificate students at technical colleges. The aim of the third 
edition is still the same, and the layout of the book remains largely unchanged. 

In the eleven years since the second edition of this book, chemical knowledge 
and understanding have advanced significantly. The molecular orbital theory 
of bonding has gained in popularity, and its coverage is extended, though the 
valence bond theory and electron pair repulsion (Sidgwick-Powell) concepts of 
bonding are still used extensively. The controversy over the extent to which d 
orbitals participate in ø bonding remains unresolved, and for simple compounds 
of the main groups the Gillespie-Nyholm concept of d orbitals participating in 
hybridization is retained. 4 

About two thirds of the elements are metals, yet many chemistry books omit 
or give scant coverage to a discussion of bonding in metals and alloys. A new 
section has been included to rectify this. $ 

Though there is a trend for chemistry teaching to become more theoretical 
most students eventually earn their living in an industrial environment, so an 
attempt has been made to indicate which chemicals are produced commercially 
on a large scale. Tonnage production figures inevitably vary from year to year, 
but still indicate the general scale of use. 

There has been considerable interest in organometallic compounds, some of 
which are manufactured on a large scale (silicones, lead tetraethyl, Ziegler- 
Natta catalysts, etc.). These’and the use of organolithium and Grignard re- 
agents in syntheses are described in the appropriate groups. There has also been 
great interest in the role of inorganic materials in biological systems 
(chlorophyll, haemoglobin, vitamin B,, and nitrogen fixation) and a public 
awareness of the toxicity of various materials, most notably lead and mercury. 
These are discussed in the appropriate sections. 

An enormous amount of effort has gone into ће preparation and charac- 
terization of transition metal compounds and complexes, particularly using 
magnetic properties and visible and uv spectra. The discovery that a significant 
number of compounds of Cr, Mo, Tc, Re, Ru and Rh contain metal-metal 
bonds, and the discovery of metal atom cluster compounds for Nb, Ta, Mo, W 
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and Re have extended our concepts of chemical bonding. The crystal field 
theory provides a simple explanation of bonding in complexes, and the chap- 
ters on the d block elements and complexes have been greatly extended and 
largely rewritten. 

The heavier elements in the periodic table were first studied because of their 
nuclear chemistry. A good deal more of their normal chemical behaviour is 
now known, and this section has been rewritten. 

Over the past twenty years spectroscopy has become an increasingly impor- 
tant technique. Some understanding of uv and visible spectra is essential to the 
understanding of the energy levels, stability and bonding of transition metal 
complexes. The last chapter has been added to explain this rather difficult sub- 
ject as simply as possible, explaining the origin of the spectra and the number 
of bands observed, without explaining the difficult spectroscopic nomenclature, 
or involving group theory and symmetry. 

A large amount of chemistry is quite easy, but some is enormously difficult. 
I can find no better way to conclude than that by the late Professor Silvanus P. 
Thompson in his book Calculus Made Easy, ‘I beg to present my fellow fools 
the parts that are not hard. Master these thoroughly, and the rest will follow. 
What one fool can do, another can’. 

J.D.L. 


SI UNITS 


51 units for energy have been used throughout the third edition, thus making a 

comparison of thermodynamic properties easier. Ionization energies are now 
quoted in kJ mol-!, rather than ionization potentials in eV. Older data from: 
other sources may be converted to these units (1 kcal — 4-184 kJ and 1 

eV = 23.06 x 4-184 kJ mol). 

Metres, or nanometres, are strictly the SI units for distance. However, 
angstrom units A are a permitted unit of length and are widely used by crystal- 
lographers because they give convenient numbers for bondlengths, so their use 
is continued. The positions of peaks in spectra are normally quoted as wave 
numbers in cm~'. These should strictly be multiplied by 100 to give SI units of 
m, or multiplied by 11-96 to give J mol-!. 

The SI units for density are kg m~’, making the density of water 1000 
kg т^, This convention is not yet widely accepted, so the older units of g/cc 
are retained. 
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CHAPTER 1 


ATOMIC STRUCTURE AND THE PERIODIC TABLE 


The Atom as a Nucleus with Orbital Electrons 


All atoms consist of a central nucleus surrounded by one or more orbital 
electrons. The nucleus always contains protons and usually contains neu- 
trons, and both together make up most of the weight of the atom. Both pro- 
tons and neutrons are particles of unit weight, but a proton has a unit positive 
charge and a neutron is electrically neutral (i.e. carries no charge). Thus the 
nucleus always carries a positive charge which is exactly balanced by negative 
charges carried by each of the orbital electrons. Electrons are relatively 
light—about 1/1836 the weight of a proton, and they circle the nucleus in 
orbits. 

The 103 elements at present known are all built up from these three funda- 
mental particles in a simple way. The first and most simple element, hydrogen, 
consists of a nucleus containing one proton and therefore has one positive 
charge, which is balanced by one negatively charged orbital electron. The 
Second element, helium, has two protons (and two neutrons) in the nucleus and 
hence a charge of +2, which is balanced by two negatively charged orbital 
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Fig. 1.1 Hydrogen: atomic, No. 1, Fig. 1.2 Helium: atomic No. 2, 
symbol H. symbol He. 


electrons. This pattern is repeated for the rest of the elements, and element 103, 
Lawrencium, has 103 protons in the nucleus (and some neutrons); hence the 
nuclear charge is +103 and is balanced:by 103 orbital electrons. The number 
of positive charges on the nucleus of an atom always equals the number of or- 
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One may think of the orbital electrons as being arranged in certain well- 
defined orbits. Thus hydrogen (Fig. 1.1) and helium (Fig. 1.2) have one and 
two electrons respectively in their first orbit. The first orbit is then full, and in 
the atoms of lithium, beryllium, boron, carbon, nitrogen, oxygen, fluorine and 
neon, subsequent electrons go into a second orbit (Fig. 1.3). Similarly in the 
atoms of elements 11 to 18 the additional electrons enter a third shell. 
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The negatively charged electrons are attracted to the positive nuclei by 
electrostatic attraction. An electron near the nucleus is strongly attracted by 
the nucleus and has a low potential energy. An electron distant from the nuc- 
leus is less firmly held and has a high potential energy. 


Atomic Spectra of Hydrogen and the Bohr Theory 


When atoms are heated or subjected to an electric discharge, they absorb 

. energy, which is then emitted as radiation. For example, if sodium chloride is 

„heated in a Bunsen burner flame, sodium atoms are produced which give rise 

_ to the characteristic yellow flame coloration. Actually there are two lines in the 

emission spectrum of sodium Corresponding to wavelengths of 589-0 and 

589-6 nm. Spectroscopy is a study of either the radiation absorbed or the 

radiation emitted, and is an important technique for studying the arrangement 
- of electrons in atoms. : 

If a discharge is passed through hydrogen gas at a low pressure, some hydro- 
gen atoms are formed, which emit light in the visible region. This can be 
studied with a spectroscope, or a Spectrometer, and is found to comprise a 
series of lines of different wavelengths. Four lines can be seen by eye, but many 
more are observed photographically in the ultraviolet region. The lines become 
increasingly close together as 4, the wavelength, decreases, until the con- 
tinuum is reached (Fig. 1.4). Wavelengths in metres are related to the fre- 
quency > in Hertz (cycles/second) by the equation 
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where c is the velocity of light (2-9979 x 105 m s). In spectroscopy, frequen- 


cies are generally expressed as wave numbers ?, where ӯ = 1/4 m=. In 1885 * 


Balmer showed that the wave number ? of any line in the visible spectrum of 
atomic hydrogen could be given by the simple empirical formula 
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where R is the Rydberg constant and n has the values 3, 4, 5. ... 

The lines observed in the visible region are called the Balmer series, but 
several other series of lines may be observed in different regions of the 
spectrum. 


Region of spectrum 


Lyman series ultraviolet P 
Balmer series visible/ultraviolet 

Paschen series infrared 

Brackett series infrared 

Pfund series infrared 


Similar equations were found to hold for the lines in the other’ series in the 
hydrogen spectrum 
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In the early years of this century, attempts were made to obtain a physical 
picture of the atom from this and other evidence. Thomson had shown in 1896 
that the application of a high electrical potential across a gas gave electrons, 
Suggesting that these were present in atoms. Rutherford Suggested from alpha 
particle scattering experiments that an atom consisted of a heavy positively 
charged nucleus with a sufficient number of electrons round it to make the 
atom electrically neutral. Niels Bohr put these ideas together and suggested 
that the atomic nucleus was surrounded by electrons moving in orbits like 
planets round the sun. Several problems arise with this concept—the electrons 
might be expected to slow down gradually, and why should they move in an or- 
bit round the nucleus? In addition the nucleus and electrons have opposite 
charges and should attract each other, so the electrons would be expected to 
spiral inwards until they hit the nucleus. To explain why this did not occur, 
Bohr postulated: 


1. An electron did not radiate energy if it stayed in one orbit, and therefore 
did not slow down. 

2. When an electron moved from one Orbit to another it either radiated or 
absorbed energy. If it moved towards the nucleus energy was radiated 
and if it moved away from the nucleus energy was absorbed. 

3. For an electron to remain in its orbit the electrostatic attraction between 
the electron and the nucleus which tends to pull the electron towards the 
nucleus must be equal to the centifugal force which tends to throw the 
electron out of its orbit. For an electron of mass m, moving with a 
velocity v in an orbit of radius r 
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If the charge on the electron is e, the number of charges on the nucleus 
Z, and the permittivity of a vacuum [A 
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v? i 


— 4лєутг Q) 


According to Planck's quantum theory, energy is not continuous but occurs in 
‘packets’ called quanta, of magnitude 5/27, where h is Planck's constant. The 
energy of an electron in an orbit that is its angular momentum тог must be 
equal to a whole number 7 of quanta 


mor = — 
2л 
һепсе 
nh 
v= 
2лтг 
апа 
2542 
s wh 
4л?т?? 


Combining this with equation 2 
Ze nh? 
4лєутғ 4тт?? 


hence 
єп? ` 
m 3 
д mez в) 


For hydrogen Z = 1, and if 

n=1 this givesavalue r= 1? x 0.0529 nm 
n=2 r=2? x 0-0529 nm 
n= 3 r=3? x 0-0529 nm 


This gives a picture of the hydrogen atom where an electron moves in circular 
orbits of radius proportional to 12, 22, 32... and radiates energy only when the 
electron jumps from one orbit to another. The kinetic energy of an electron is 
—ynv’. By rearranging equation 1 


Z i Ze? 
Dm 8z&yr 
substituting for r using equation 3 
Z'e^m 


6 


If an electron jumps from an initial orbit i to a final orbit f, the change in energy 


AE is 
AR Zetm Z'e*m 
8e nih? 8 eneh? 


Energy is related to wavelength (E = Лсў) so this equation is of the same 
form as the Rydberg equation 


ead 22те“ [1 1 
7 © Bey ien? ni 


1 1 
ӯ = RZ? (s 4 =z) (Rydberg equation) 
2 


n, 
Thus the Rydberg constant 


me* 


= 8e,7h?c 


The experimental value of R is 1.097373 x 107 т-!, in good agreement with 
the theoretical value of 1.096776 x 10" m-'. The Bohr theory provides an ex- 
planation of the atomic spectra of hydrogen. The different series of spectral 
lines can be obtained by varying the values of n, and n, in equation 4. Thus 
with n, — 1 and n,=2, 3, 4... we obtain the Lyman series of lines in the uv 
region. With n, = 2 and n, = 3, 4, 5... we get the Balmer series of lines in the 
visible spectrum. Similarly, n, — 3 and n; = 4, 5, 6 ... gives the Paschen series, 
n;74 and n = 5, 6, 7... the Brackett series, and п, = 6 and n; = 7, 8, 9... 
gives the Pfund series. The various transitions which are possible between 
orbits are shown in Fig.1.5. 


Refinements to the Bohr Theory 


It has been assumed that the nucleus remains stationary except for rotating 
on its own axis. This would be true if the mass of the nucleus were infinite, but 
the ratio of the mass of an electron to the mass of the hydrogen nucleus is 
1/1836. The nucleus actually oscillates slightly about the centre of gravity, and 
to allow for this the mass of the electron т is replaced by the reduced mass иіп 
equation 4 

mM 
m+M 


= 


| 


Fig. 1.5 Bohr orbits of hydrogen and the various series of spectral lines. 


where M is the mass of the nucleus. The inclusion of the mass of the nucleus 
explains why different isotopes of an element produce lines in the spectrum at 
slightly different wave numbers. · 

The orbits are sometimes denoted by the letters K, L, M, М... counting out- 
wards from the nucleus, and they are also numbered 1, 2, 3, 4. ... This number 
is called the principal quantum number, which is given the symbol п. It is 
therefore possible to define which circular orbit is under consideration by 
specifying the principal quantum number. 

The movement of an electron from one orbit to another should give a single 
sharp line in the spectrum, corresponding precisely to the energy difference be- 
tween the initial and final orbits. If the hydrogen spectrum is observed with a 
high resolution spectrometer it is found that some of the lines reveal fine struc- 
ture; that is they are composed of more than one line close together. Som- 
merfeld explained this in terms of elliptical orbits which precessed in space 
round the nucleus. For the principal quantum number п = 1 there is a circular 
orbit, but for л = 2 both circular and elliptical orbits are possible. To define an 
elliptical orbit, a second quantum number К is needed. The shape of the ellipse 


8 
is defined by the ratio of the lengths of the major and minor axes. Thus 

major axis _ n 

minor axis К 
kis called the azimuthal or subsidiary quantum number, and may have values 
from 1,2... п. Thus for п = 2, n/k may have the values 2/2 (circular orbit) and 
2/1 (elliptical orbit). For the principal quantum number n = 3, n/k may have 
values 3/3 (circular), 3/2 (ellipse) and 3/1 (narrower ellipse). The presence of 
these extra orbits, which have slighily different energies from each other, ac- 
counts for the extra lines in the spectra revealed under high resolution. The 


original number k has now been repldced by a new quantum number /, where 
l= к — 1. Thus for 


" n-l 1-0 
n-2 1=0ог1 
* n=3 1=0,10г2 
D -4 l=0,1,20r3 


In some сазёз it was found that spectral lines were split still further into two 
lines (doublet). This is explained by assuming that an electron spins on its axis 
in either a clockwise or an anticlockwise direction. Energy is quantized, and 
the value of the spin angular momentum was first considered to be m,.h/2z, 
where m, is the spin quantum number with values of +4. (Quantum mech- 
anics has since shown the exact expression to be V. s(s + 1). A|2z, where s is 
either the spin quantum number or the resultant of several spins.) 

Zeeman showed that if atoms were placed in a Strong magnetic field addi- 
tional lines appeared on the spectra. This is because elliptical orbits can only take 
up certain orientations with respect to the external field, rather than precessing 
freely. Each of these orientations is associated with a fourth quantum number 
m which.can have values of /, (= 1),::80., +) 

Thus a single line in the normal spectrum will appear as 2/ + 1 lines if a mag- 
netic field is applied. 

Thus in order to explain the Spectra of the hydrogen atom, four quantum 
numbers are needed 

Symbol Values 


Principal quantum number n 12:355 
Azimuthal or subsidiary quantum number 1 0,1,..-(n— 1) 
Spin quantum number oom, + 


Magnetic quantum number m 1. Ол d 


The spectra of other atoms may be explained in a similar manner. 


The Dual Nature of Electrons—Particles or Waves 


The planetary theory of atomic structure put forward by Rutherford and 
Bohr describes the atom as a central nucleus surrounded by electrons in certain 


| 


| 
| 


» 


| 
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orbits. The electron is thus considered as a particle. In the 1920’s it was shown , 
that moving particles such as electrons behaved in some ways as waves. This is 
an important concept in explaining the electronic structure of atoms. 

. For some time light has been considered as either particles or waves. Certain 
materials such as potassium emit electrons when irradiated with visible light. 
Other metals behave in a similar way with ultraviolet light. This is called the 
photoelectric effect, and is explained by light travelling as particles called 
photons. If a photon collides with an electron, it can transfer its energy to the 
electron. If the energy of the photon is sufficiently large it can remove the 
electron from the surface of the metal. However, the phenomena of diffraction 
and interference of light can only be explained by assuming that light behaves 
as waves. In 1924, de Broglie postulated that the same dual character existed 
with electrons—sometimes they are considered as particles, and at other times 
it is more convenient to consider them as waves. Experimental evidence for the 
wave nature of electrons was obtained when diffraction rings were observed 
photographically when a stream of electrons was passed through a thin metal 
foil. Electron diffraction has now become a useful tool in determining 
molecular structure, particularly of gases. Wave mechanics is a means of 
studying the build-up of electron shells in atoms, and the shape of orbitals oc- 
cupied by the electrons. 


` The Heisenberg Uncertainty. Principle 


Calculations on the Bohr model of an atom require precise information 
about the position of an electron and its velocity. Since an electron is too small 
to see, it can be observed only indirectly by perturbing it, for example by hitting 
it with another particle such as a photon or an electron or applying an electric 
or magnetic force to it. This will inevitably change the position of the electron, 
or its velocity and direction. Heisenberg stated that the more precisely one can 
define the position of an electron, the less certainly one is able to define its 
velocity, and vice versa. If Ax is the uncertainty in defining the position and Av 
the uncertainty in the velocity, the uncertainty principle may be expressed 
mathematically 

Ax. Av > 7E 


where h = Planck's constant = 6:6262 x 107 ?^ J s. This implies that it is im- 
possible to know both the position and the velocity exactly. The concept of an 
electron following a definite orbit, where its position and velocity are known ex- 
actly, must therefore be replaced by the probability of finding an electron in a 
particular position, or in a particular volume of space. The Schródinger wave 
equation provides a satisfactory description of an atom in these terms. 
Solutions to the wave equation are called wave functions and given the symbol 
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„у. The probability of finding an electron at a point in space whose coordinates 
are x, у and z is y? (x, у, 2). 


The Schródinger Wave Equation | 


For a standing wave (such as a vibrating string) of wavelength A, whose am- 
plitude at any point along x may be described by a function f(x), it can be 
shown that 


d'f(x) 4m 
i ЭКК ctt des cM 
If an electron is considered as a wave which moves in only one dimension then ` 
d'y 4л | 
dv ibd 


An electron may move in three directions x, y and z so this becomes 
Фу Quy ду 4л? 
See ees а а 
ôx? oy! д A: 


Using the symbol V instead of the three partial differentials, this is shortened to 


4r? 
шс д 
Vy = z” | 
The de Broglie relationship states that 
à h 
A-— ‘ 
mv 


(where A is Planck's constant, т is the mass of an electron and v its velocity) 
hence | 


4л2т?р? | 

NOR Н ! 

or H 
4 254252 

Vey + bus. y=0 (5) Ж 


However, the total energy of the system E is made up of the kinetic energy К 
plus the potential energy V 


E=K+V 


K=E-V 
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But the kinetic energy = {7112 so 
$mv?= E—V 
and 
2 
02 = (Е – И) 
т 
Substituting for v? in equation 5 gives the well-known Schródinger equation 


8л?т 

т (Е – И)у=0 
Acceptable solutions to the wave equation, that is solutions which are physically 
possible, must have certain properties: 


Vy + 


(i) ymust be continuous. 
(ii) wmust be finite. 
(iii) y must be single valued. 
(iv) The probability of finding the electron over all the space from plus 
infinity to minus infinity must be equal to one. The probability of finding an 
electron at a point х, y, z is y, so 


+0 
f y? dx dydz=1 
-%0 


Several wave functions called y,, W» y; ... will satisfy these conditions to the 
wave equation, and each of these has a corresponding energy E,, Е,, Ey... 
Each of these wave functions y,, y, etc. is called an orbital, by analogy with 
the orbits in the Bohr theory. In a hydrogen atom, the single electron normally 
occupies the lowest of the energy level Е, which is called the ground state. The 
corresponding wave function y, describes the orbital, that is the volume in 
space where there is a high probability of finding the electron. 

For a given type of atom, there are a number of solutions to the wave 
equation which are acceptable, and each orbital may be described uniquely by 
a set of three quantum numbers, п, / and т. (These are the same quantum 
numbers—principal, subsidiary and magnetic—as were used in the Bohr 
theory.) 

The subsidiary quantum number / describes the shape of the orbital oc- 
cupied by the electron. / may have values 0, 1, 2 or 3. When / = 0, the orbital is 
spherical and is called an s orbital; when / — 1, the orbital is dumb-bell-shaped 
and is called а p orbital; when / = 2, the orbital is double dumb-bell-shaped and 
is called a d orbital and when / = 3 a more complicated f orbital is formed (see 
Fig. 1.6). The letters s, p, d and f come from the spectroscopic terms sharp, 
principal, diffuse and fundamental, which were used to describe the lines in the 
atomic spectra. 
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Nucleus 


E. n 


5 orbital p orbital d orbital 
(note the dz? orbital 
is different — 
see chapter 8) 


Fig. 1.6 s, p and d atomic orbitals (note that the + and — signs refer to symmetry, 
not charge). 


Examination of a list of all the allowed solutions to the wave equation shows 
that the orbitals fall into groups. 

In the first group of solutions the value of the wave function y, and hence the 
probability of finding the electron y?, depends only on the distance r from the 
nucleus, and is the same in all directions. 

у= (0) 
This leads to a spherical orbital, and occurs when the subsidiary quantum 
number / is zero. These are called s orbitals. When / = 0, the magnetic quan- 
tum number т = 0, so there is only one such orbital for each value of n. 

In the second group of solutions to the wave equation, y depends both on 
the distance from the nucleus, and on the direction in space (x, y or z). Orbitals 
of this kind occur when the subsidiary quantum number / = 1. These are called 
p orbitals and there are three possible values of the magnetic quantum number 
(т = —1, 0 and +1). There are therefore three orbitals which are identical in 
energy, shape and size, which differ only in their direction in space. These three 
solutions to the wave equation may be written 


у = f(r).f(x) 
y, = f(r).f() 
y, = f(r).f(z) 


Orbitals that are identical in energy are termed degenerate, and thus three 
degenerate p orbitals occur for each of the values of n = 2, 3, 4. ... à 

The third group of solutions to the wave equation depend on r and on two 
directions in space, for example z 


y — f(r).f().f(y) 
This group of orbitals has / — 2, and these are called d orbitals. There are five 
solutions corresponding to т = 2, —1, 0, +1 and +2, and these are all equal in 
energy. Thus five degenerate d orbitals occur for each of the values of n = 3, 4, 
dem 
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A further set of solutions occurs when / = 3, and these are called S orbitals, 
There are seven values of m: —3, —2, —1, 0, +1, +2 and +3, and seven 
degenerate f orbitals are formed when п = 4, 5, 6. ... 


TABLE 1.1 Atomic Orbitals 


——————————————————— 


Principal Subsidiary Magnetic Symbol 

quantum quantum quantum 

number number number 
n 1 . m 
1 0 0 ls (one orbital) 
2 0 0 2s (one orbital) 
2 1 —1,0, +1 2p (threeorbitals) 
3 0 0 3s (one orbital) 
3 1 —1,0, +1 3p (three orbitals) 
3 2 —2,—1,0, +1, +2 3d (five orbitals) 
4 0 0 4s (one orbital) 
4 1 —1,0, +1 4p (three orbitals) 
4 2 —2, 21,0, +1, +2 4d (five orbitals) 
4 3 —3, —2, —1, 0, +1, +2, +3 4f (seven orbitals) 


Radial and Angular Functions 


The Schrédinger equation can be solved completely for the hydrogen atom, 
and for related ions which have only one electron such as Het and 142+. For 
other atoms only approximate solutions can be obtained. For most cal- 
culations, it is simpler to solve the wave equation if the cartesian coordinates x, 
у and z are converted into polar coordinates r, 0 and g. The coordinates of the 
point A measured from the origin are x, y, and z in cartesian coordinates, and 
r, бапа ¢ in polar coordinates. It can be seen that the two sets of coordinates 
are related by the following expressions 


z=rcos@ 
y —rsin sing 
x=rsin ĝ cos ¢ 


The Schrédinger equation is usually written 


827m 
E (Е – V)y—0 


Уу + 


х 
Fig. 1.7 The relationship between cartesian and polar coordinates. 

where 

|y y Фу ду 


REA 
ôx? Oy д 


2, 


Vy 


Changing to polar coordinates, У? y becomes 


18 2 Qy пж cow ^ 1 Fai Pad 
— |+ . *— | sin 
Por\ Or] r'si?0 09! r?^sinü 20 20 
The solution of this is of the form 
y — R(r). Ө(0).Ф(0) (6) 


R(r is a function that depends on the distance from the nucleus, which in 
turn depends on the quantum numbers п and / 

O(0) is a function of б, which depends on the quantum numbers / and m 

Q(f) is a function of ø, which depends only on the quantum number m 


Equation 6 may be rewritten 
у= R(n,-As 


This splits the wave function into two parts which can be solved separately: 
R(r) the radial function, which depends on the quantum numbers n and / and А 
7 angular wave function which depends on the quantum numbers т and 
е radial function R has no physical meaning, but R? gives the probability 

_ of finding the electron in a small volume dv near the point at which R is 
measured. For a given value of r the number of small volumes is 4z7?, so the 
probability of the electron being at a distance r from the nucleus is 4z7? А2. 
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Fig.1.8 Radial distribution functions for various orbitals in the hydrogen atom. 


This is called the radial distribution function. Graphs of the radial distribution 
function for hydrogen plotted against r are shown in Fig. 1.8. 

It can be seen that the probability is zero at the nucleus (since r — 0), and by 
examining the plots for 1s, 2s and 3s that the most probable distance increases 
markedly as the principal quantum number increases. Furthermore, by com- 
paring the plots for 2s and 2p, or 3s, 3p and 3d it can be seen that the most 
probable radius decreases slightly as the subsidiary quantum number increases. 
All the s orbitals except the first one (1s) have a shell-like structure, rather like 
an onion or a hailstone, consisting of concentric layers of electron density. 
Similarly, all but the first р orbitals (2p) and the first d orbitals (3d) have a shell 
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Fig.19 The angular part of the wave function A (6, ø) for the 2s, 2p and 3d orbitals 
for a hydrogen atom shown as polar diagrams. 


structure. The total angular function 4 depends only on the direction, and is in- 
dependent of the distance from the nucleus (r). Thus А? is the probability of 
finding an electron at a given direction 6, $ at any distance from the nucleus to 


d 


infinity. The angular functions are plotted as polar diagrams in Е ig. 1.9. It must 
be emphasized that these polar diagrams do NOT represent the total wave 
function y, but only the angular part of the wave function. 


y=R(r).A 


Thus the probability of finding an electron simultaneously at a distance r and in 
a given direction 6, 9 is y*. 


V2 o, o = R? (r). A? (0, 9) 


Polar diagrams of the angular part of the wave function are drawn to illustrate 
the bonding between atoms but these shapes must not be taken as identical to 
the shapes of the total wave functions. . 

More detailed accounts of wave mechanics, orbitals and atomic structure 
may be obtained from refs. 1—4 at the end of the chapter. 


Pauli Exclusion Principle 


The three quantum numbers п, / and т are needed to define an orbital. Each 
orbital may hold up to two electrons, so an extra quantum number is required 
to define the spin of an electron in an orbital. Thus four quantum numbers are 
needed to define the energy of an electron in an atom. According to the Pauli 
exclusion principle, no two electrons in one atom can have all four quantum 
numbers the same. By permutating the quantum numbers, the maximum num- 
ber of electrons which can be contained in each main energy level can be cal- 
culated (see Fig. 1.10). 


Build-up of the Elements, Hund’s Rule 


When atoms are in their ground state, the electrons occupy the lowest pos- 
sible energy levels. The simplest element, hydrogen, has one electron, which oc- 
cupies the 1s level; this level has the principal quantum number л = 1, and the 
subsidiary quantum number /= 0. Helium has two electrons, the second one 
also occupying the 1s level. This is possible because the two electrons have op- 
posite spins. This level is now full, so in the next atom, lithium, which has three 
electrons, the third electron occupies the next lowest level. This is the 2s level, 
which has the principal quantum number и = 2 and subsidiary quantum num- 
ber [= 0. The fourth electron in beryllium also occupies the 2s level. Boron 
must have its fifth electron in the 2p level since the 2s level is full. The sixth 
electron in carbon is also in the 2p level. According to Hund’s rule, the number 
of unpaired electrons in a given energy level is a maximum. In other words, the 
negatively charged electrons tend to keep away from one another. Thus in the 
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ground state the two р electrons in carbon are unpaired, i.e. they occupy separ- 
ate p orbitals and have parallel spins. Similarly in nitrogen the three p electrons 
are unpaired and have parallel spins. 

To show the positions of the electrons in an atom, the symbols 1s, 2s, 2p, 
etc. are used to denote the main energy level and sub-level. An index figure is 
added to show the number of electrons in each set of orbitals. The electronic 
structures of the first few atoms in the periodic table are: 


H 1s! 

He 1s? 

Li 165287 

Ве 152 2s? 

В 152 252 2р! 

C 1s? 2s? 2p? 

N 1s? 2s? 2p? 

(0) 1s? 2s? 2p* 

E 152 25° 2р7. 

Ме 1s? 252 2p$ - 


Ма 1s? 2s? 2р6 3s! 
Sequence of Energy Levels 


It is important to know the sequence in which the energy levels are filled. 
Fig. 1.11 is a useful aid: 


Fig. 1.11 Sequence of filling energy levels. 


20 | 

From this it can be seen that the order of filling of energy levels is: 1s, 25, 
2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, etc. 

After the 15, 2s, 2p, 3s and 3p levels have been filled at argon, the next two 
electrons go into the 4s level, and give potassium and calcium, since the 4s 
levels are lower in energy than the 3d levels. Only when the 4s level is full does 
the 3d level start filling, at scandium. The elements from scandium to copper 
have two electrons in the 4s level and an incomplete 3d level, and all behave in 
a similar manner chemically. Such a series of atoms is known as a transition 
series. 

A second transition series starts after the 5s orbital has been filled, at stron- 
tium, because in the next element, yttrium, the 4d level begins to fill up. A third 
transition series starts at lanthanum where the electrons start to fill the 5d level 
after the 6s level has been filled with two electrons. A further complication 
arises here because after lanthanum which has one electron in the 5d level, the 
4f level begins to fill giving the elements from cerium to lutetium which range 
from one to fourteen f electrons. These are sometimes called the inner transition ^ | 
elements, but are usually known as the lanthanides or rare earth metals. 


Arrangement of the Elements in Groups in the Periodic Table 


The chemical and physical properties of an element are governed by the 
number and arrangement of the orbital electrons, that is by the atomic number. 
If the elements are arranged in groups, each group having a characteristic 
electronic arrangement, then elements within a group should show similarities 
in chemical and physical properties. One great advantage of this is that initially 
it is only necessary to learn the properties of each group rather than the proper- 
ties of each individual element. 

Elements with one s electron in their outer shell are called Group I (the alkali 
metals) and elements with two s electrons in their outer shell are called Group 
II (the alkaline earth metals). These two groups are known as the s block ele- 
ments, because their properties result from the presence of s electrons. 

Elements with three electrons in their outer shell (two s electrons and one p 
electron) are called Group III, and similarly Group IV elements have four 
outer electrons, Group V elements have five outer electrons, Group VI ele- 
ments have six outer electrons and Group VII elements have seven outer 
electrons. Group 0 elements have a full outer shell of electrons so that the next 
shell is empty; hence the group name. Groups III, IV, V, VI, VII and 0 all have 
p orbitals filled and because their properties are dependent on the presenceofp — 
electrons, they are called jointly the p block elements. 

In a similar way, elements where d orbitals are being filled are called the d 
block, or transition elements. In these, d electrons are being added to the penul- 
timate shell. 

Finally, elements where f orbitals are filling are called the f block, and here 
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the f electrons are entering the antepenultimate (or second from the outside) 
Shell. 

In the periodic table (Table 1.2), the elements are arranged in order of 
increasing atomic number, that is in order of increased nuclear charge, so that 
each element contains one more orbital electron than the preceding element. 
Instead of listing the 103 elements, the periodic table arranges them into several 
TOWS or periods, in such a way that each row begins with an alkali metal and 
ends with an inert gas. The sequence in which the various energy levels are 
filled determines the number of elements in each period, and the periodic table 
can be divided into four main regions according to whether the s, p, d or f levels 
are being filled. 


Ist period 1s elements in this period 2 
2nd period 2s 2p elements in this period 8 
3rd period 3s 3p’ elements in this period 8 


4th period 4s 3d 4p elements in this period 18 
Sth period 5s 4d Sp elements in this period 18 
4 6thperiod 6s 4f Sd бр elementsin this period 32 
The alkali metals appear in a vertical column labelled Group I, in which all з 
elements have one s electron in their outer shell, and hence have similar proper- 
ties. Thus when one element in a group reacts with a reagent, the other ele- 
ments in the group will probably react similarly, forming compounds which 
have similar formulae. Thus reactions of new compounds and their formulae 
may be predicted by analogy with known compounds. Similarly the inert gases 
all appear in a vertical column labelled Group 0, and all have a complete outer 
shell of electrons. This form of the periodic table has many advantages. The 
similarity of properties within a group and the relation between the group and 
the-electron structure is emphasized. The d block elements are referred to as 
the transition elements since they are situated between the s and p blocks. 
Hydrogen and helium differ from the rest of the elements because there are 
по p orbitals in the first shell. Helium obviously belongs to Group 0, the inert 
Bases, which are chemically inactive because their outer shell of electrons is 
full. Hydrogen is more difficult to place in a group. It could be included in 
Group I because it has one s electron in its outer shell, or in Group VII because 
it is one electron short of a complete shell. Hydrogen is included in both these 
groups in the periodic table, although it resembles neither the alkali metals nor 
the halogens very closely. The unique properties of hydrogen are largely due to 
the extremely small size of hydrogen atoms. Thus there is a case for placing 
hydrogen in a group on its own, or omitti g it from the periodic table al- 
together. : 


Problems 


е first five series of lines that occur in the atomic spectra of hydro- 
a е6 fen. fndi the region in the electromagnetic spectrum where these series 
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occur, and give a general equation for the wave number applicable to all 
the series. 


. What are the assumptions on which the Bohr theory of the structure of the 


hydrogen atom is based? 


. (a) Calculate the radii of the first three Bohr orbits for hydrogen using 


equation 3. (Planck’s constant h = 6-6262 x 10**4 Js; mass of electron 
m = 9.1091 x 107?! kg; charge on electron e = 1-60210 x 10-' C; per- 
mittivity of vacuum £, = 8-854185 x 10-'? kg-! m^? А2.) 

(Answers: 0-529 x 10-'? m; 2-12 x 10-! m; 4-76 x 10-'? m; that is 
0-529 A, 2-12 А and 4-76 А) 

(b) Use these radii to calculate the velocity of an electron in each of these 
three orbits. 

(Answers: 2-19 x 105m s-!; 1-09 x 105m s-!; 7-29 x 105 m s~4.) 


. (a) Write down.the general form of the Schródinger equation and define 


each of the terms in it. 
(b) Solutions to the wave equation that are physically possible inate have 
four special properties. What are they? 


. What is a Radial Distribution Function? Draw this function for the 1s, 2s, 


3s, 2p, 3p and 4p orbitals in a hydrogen atom. ` 


. Explain (a) the Pauli exclusion principle, and (b) Hund's rule. 
. What is an orbital, and what are the shapes of s, p and d orbitals respec- 


tively? 


. The first shell may contain up to two electrons, the second shell up to 


eight, the third shell up to eighteen, and the fourth shell up to thirty- "two 
electrons. Explain this arrangement in terms of quantum numbers. 


. Give the sequence in which the energy levels in an atom are filled with 


electrons. Write the electronic configurations for the elements of atomic 
number 6, 11, 17 and 25, and from this decide to which group in the perio- 
dic table each element belongs. 


. Suggest reasons for and against the inclusion of hydrogen in the main 


groups of the periodic table. (See the section on hydrogen in Chapter 3.) 
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CHAPTER 2 


BONDING AND STRUCTURE 


Attainment of a Stable Configuration 


How do atoms combine together to form molecules and why do atoms form 
bonds? The molecule formed must be more stable than the individual atoms, or 
molecules would not be formed, i.e. the process must be energetically favour- 

, able and lead to a minimum energy. 

To understand what is happening in terms of electronic structure, consider 
first the Group 0 elements. These comprise the inert gases helium, neon, argon, 
krypton, xenon and radon, which are noted for their lack of chemical proper- 
ties. Atoms of the noble gases do not normally react with any other atoms and 
their molecules are monoatomic—that is, they contain only one atom. The lack 
of reactivity indicates that these atoms are extremely stable, their energy being 
so favourable that it cannot be improved by compound formation. The inert 
gases all have a complete outer shell of electrons, so that we can conclude that 
this is a very stable arrangement. 

The electrons in the outermost shell of an atom are generally the ones con- 
cerned with bond and compound formation, and from energy considerations 
molecules are formed only if each atom acquires a stable electron configuration 
in the process. The atoms which have the most stable arrangements of 


electrons are the inert gases. (Less stable arrangements than this are commonly 
attained by the transition elements.) 


Types of Bonds 


There are several ways in which atoms may obtain a stable electronic con- 
figuration: by losing, gaining or sharing electrons. If the elements are divided 
into (a) electropositive elements, whose atoms give up one or more electrons 
fairly readily, (b) electronegative elements which take up electrons, and (c) ele- 
ments which neither tend to lose nor gain electrons, we can classify the kinds of 
bonds formed into the following ideal types: 
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Electropositive element 
+ Tonic bond 
Electronegative element 


Electronegative element 
+ Covalent bond 
Electronegative element 


Electropositive element 
+ Metallic bond 
Electropositive element 


The three basic types of bonding described above are: ionic bonding, which 
involves the complete transfer of one or more electrons from one atom to 
another, covalent bonding which involves the sharing of a pair of electrons be- 
tween two atoms, and metallic bonding where the valency electrons are free to 
move throughout the whole crystal. 

These types of bonds are idealized or extreme representations, and in most 
substances the bond type is somewhere in between these extreme forms, though 
generally one of these types predominates. For example, lithium chloride is - 
considered to be an ionic compound, but it is soluble in alcohol, which suggests 
that it also possesses a small amount of covalent character. If the three extreme 
bond types are placed at the corners of a triangle, then compounds with bonds 
predominantly of one type will be represented as points near the corners. Com- 
pounds with bonds intermediate between two types will occur along an edge of 
the triangle, whilst compounds with bonds showing some characteristics of all 
three types are shown as points inside the triangle. 


Metallic 


lonic == Covalent 
IFL— SR PR Sika AIF; Ве, Fz 
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Metallic bonding is found not only in metals and alloys, but also in a number 
of other types of compound. The first of these includes the interstitial borides, 
carbides, nitrides and hydrides formed by the the transition elements (and in 
some cases by the lanthanides too). A number of low oxidation states of tran- 
sition metal halides also belong to this group, where the compounds show 
electrical conductivity, and are thought to contain free electrons in conduction 
bands. The second type is the metal cluster compounds of the transition metals, 
and boron, where the delocalized covalent bonding is equivalent to a restricted 
form of metallic bonding. The third type comprises a group of compounds 
including the metal carbonyls which contain a metal-metal bond. The cluster 
compounds, and the compounds with metal-metal bonds may help to explain 
the role of metals as catalysts. 


Transitions Between the Main Types of Bonding 


Few bonds are purely ionic, covalent or metallic. Most are intermediate be- 
tween the three main types, and show some properties of all three ty pes. 


Ionic Bonds 


Consider the sodium atom, which has the electronic configuration 1s? 2s? 
2p* 3s!. The first and second shells of electrons are full, but the third shell con- 
tains only one electron. When this atom reacts it will do so in such a way that a 
stable electron configuration is attained. The inert gases have a very stable 
electron arrangement and the nearest inert gas is neon whose configuration is 
152 2s? 2р5. If the sodium atom can lose one electron from its outer shell, it will 
attain this configuration except that the sodium ion as it is now called has a net 
charge of +1 because there are eleven positive charges on the nucleus and only 
ten electrons. When supplied with energy sodium atoms tend to do this, so 
sodium is an electropositive element: 


Na > Nat + electron 
Sodium atom Sodium ion 
Chlorine atoms have the electronic configuration 15? 2s? 2p$ 3s? 3р5. They are 
only one electron short of the stable inert gas configuration of argon 1s? 2s? 2p* 
3s? 3p*, and chlorine atoms tend to react and gain electrons (that is they are 
electronegative): 


СІ + electron > et 
Chlorine atom Chloride ion 


By gaining an electron, an electrically neutral chlorine atom becomes a 
chloride ion with a net charge of —1. 

When sodium and chlorine react together the outer electron of the sodiur 
atoms is transferred to the chlorine atoms to produce sodium ions Na* 
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chloride ions СІ, which are held together by the electrostatic attraction of their 
opposite charges. Since both sorts of atoms attain a very stable inert gas con- 
figuration, the process is energetically favourable, and sodium chloride Na*CI- 
is formed readily. This may be illustrated diagrammatically showing the outer 
electrons only: 


xx * xx J- 
Мах «Сі [Na] [8] 
xx xx 
Sodium atom Chlorine atom Sodium ion Chloride ion 


In a similar way, a calcium atom may lose two electrons to two chlorine atoms 
forming a calcium ion Ca?* and two chloride ions CI-, that is calcium chloride 
CaCl,. Showing the outer electrons only, this may be represented: 


iesu n is О 
© [d] 


Calcium atom Chlorine atoms Calcium ion Chloride ions 


Ionic bonds are formed when electropositive elements react with electro- 
negative elements. 


Covalent Bonds 


When two electronegative atoms react together, ionic bonds are not formed 
because both atoms have a tendency to gain electrons. In such cases, an inert 
gas configuration may be obtained by sharing electrons. first consider diagram- 
matically how chlorine atoms Cl react to form chlorine molecules Cl, (the 
outer electrons only are shown in the following diagrams): 


хх хх хх хх 
šClx «СЫ = %ClšCIš 
xx Xx хх xx 
Chlorine atoms Chlorine molecule 


Each chlorine atom gives a share of one of its electrons to the other atom. Thus 
a pair of electrons is shared equally between both atoms, and each atom in the 
molecule has in its outer shell six electrons which completely belong to it plus a 
Share in two more electrons, thereby making a stable octet—the inert gas 
Structure of argon. In a similar way a molecule of carbon tetrachloride CCI, is 
made up of one carbon and four chlorine atoms: 


ў 
ХС 

xCx + [©] > 1СИС:СЕ 
xCis 
e 


The carbon atom is four electrons short of the inert gas structure, so it forms 
four bonds, and the chlorine atoms are one electron short, so they each form 
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one bond. By sharing electrons in this way, both the carbon and all four 
chlorine atoms attain an inert gas structure. It must be emphasized that 
although it is possible to build up molecules in this way, and to understand 
their electronic structures, it does not follow that the atoms will react together 
directly. In this case, carbon and chlorine do not react directly and carbon 
tetrachloride is made by indirect reactions. 

A molecule of ammonia NH, is made up of one nitrogen and three hydrogen 
atoms: 


“Ne + зн) + намен 


` A nitrogen atom is three electrons short and hydrogen atoms are one electron 
short of an inert gas structure. Thus nitrogen forms three bonds, and the hyd- 
rogen atoms one bond each, thus attaining a stable configuration. In this case, 
one pair of electrons is not involved in bond formation, and this is called a lone 
pair of electrons. 

A covalent bond results from the sharing of an electron pair, where each 
atom contributes one electron to the bond, as described above. It is also pos- 
sible to have an electron pair bond in which a pair of electrons is shared by two 
atoms, although both electrons came originally from one atom and none from 
the other. Such bonds are called coordinate-covalent or dative-covalent bonds, 
and once they have been formed they are identical to normal covalent bonds. 


Coordinate Bonds 


Even though the ammonia molecule has a stable electron configuration, it 
can react with hydrogen ions H* by donating a share in the lone pair of 
electrons, forming thé ammonium ion NH,* 


Healt н y 
Sco * XXX | 
HIN: + [н] = |HINIH| or |H-N-H 
H H " 


Frequently, covalent bonds are depicted as straight lines joining the two 
atoms, and coordinate bonds as arrows indicating which atom is donating the 
electrons. Similarly ammonia may donate its lone pair to boron trifluoride, and 
by this means the boron atom attains a share in eight electrons: 


H F H F 
НІМ: + BEF > H-N2B-F 
H F H 


Double and Triple Bonds 


Sometimes more than two electrons are shared between a pair of atoms. If 
four electrons are shared (that is there are two bonds), this arrangement is 
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called a double bond, and if six electrons are shared (that is, there are three 
bonds) it is called a triple bond: 


el e c= ace Ethylene molecule 
H* РН СЕ (double bond) 
HiC х СН Н-С=С-Н Acetylene molecule 
x (triple bond) 


Metallic Bonds and Metallic Structures 


Metals are made up of positive ions packed together, usually in one of the 
three following geometrical arrangements: (1) face-centred cubic (cubic close- 
packed); (2) hexagonal close-packed; or (3) body-centred cubic. Negatively 
charged electrons hold the ions together, and the positive and negative charges 
are balanced, since the electrons originated from the neutral metal atoms. The 
outstanding feature of metals is their very high electrical conductivity, which is 
due to the mobility of these electrons through the lattice. 

The arrangements of atoms in the three common metallic structures are 
shown in Fig. 2.1, parts a, b and c. Two of these arrangements (cubic close- 
packed and hexagonal close-packed) are based on the closest packing of 
spheres. The metal ions are assumed to be spherical, and are packed together 
to fill the space most effectively as shown in Fig. 2.14. Each sphere touches six 
other spheres within this one layer. 

A second layer of spheres is arranged on top of the first layer, the protruding 
parts of the second layer fitting into the hollows in the first layer as shown in 
Fig. 2.1e. A sphere in the first layer touches three spheres in the layer above it, 
and similarly it touches three spheres in the layer below it, plus six spheres in 
its own layer, making a total of twelve. The coordination number, or number 
of atoms or ions in contact with a given atom, is therefore 12 for a close- 
packed arrangement. With a close-packed arrangement, the spheres occupy 
74% of the total space. 

When adding a third layer of spheres, two different arrangements are 
possible, each preserving the close-packed arrangement. 

If the first sphere of the third layer is placed in the depression X shown in Fig. 
2.le, it can be seen that this sphere is exactly above a sphere in the first layer. It 
follows that every sphere in the third layer is exactly above one in the first layer 
as shown in Fig. 2.1a. If the first sheet is represented by A, and the second 
sheet by B, the repeating pattern of the close-packed sheets is ABABAB ..., 
and such a structure is said to be hexagonal close-packed. 

Alternatively, the first sphere of the third layer may be placed in a depression 
such as Y in Fig. 2.1e. This sphere is not exactly above a sphere in the first 
layer, and it follows that all the spheres in the third layer are not exactly above 
Spheres in the first layer (Fig. 2.1f). If the three layers are represented A, B and 


30 


Layer В 
(a) Hexagonal close packed structure (b) Cubic close-packed structure (coor- 
showing the repeat pattern of layers dination number is also 12). 


ABABAB ... and the 12 neighbours 
surrounding each sphere. 


(c) Body-centred cubic structure show- (d) A single layer of 
ing the 8 neighbours surrounding each close-packed spheres. 
sphere. 


Кру) 


(e) Two layers of close- (f) Three layers of close- (g) Packing of spheres in 
packed spheres (second packed spheres (second a body-centred cubic ar- 
layer is shaded). layer shaded, third layer rangement. 


bold circles). Note that 
the third layer is not 
above the first layer, 
hence this is an ABCABC 
-.. (cubic close-packed) 
arrangement. 


Fig. 2.1 The three common metal structures and the closest packing of spheres. 
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C, then the repeating pattern of sheets is ABCABCABC ... , and such a struc- 
ture is said to be cubic close-packed. An alternative name for this structure is 
face-centred cubic. 

The third common metallic structure is called body-centred cubic (Fig. 
2.1c). The spheres are packed in sheets as shown in Fig. 2.1g. This form of 
packing is rather less efficient at filling the space than closest packing, and the 
spheres occupy 68% of the total space and have a coordination number of 8 
compared with close packed structures occupying 74% of the space and having 
a coordination number of 12. Metallic structures always have high coor- 
dination numbers. 

Reviews of the theories of bonding in metals and alloys have been given in 
refs. 25 and 26. 


General Properties of Ionically and Covalently Bonded Compounds 


Compounds containing ionic linkages are made up of positive and negative 
ions arranged together in a regular way ina lattice. The attraction between ions 
is electrostatic and non-directional, and extends equally in all directions. Thus 
to melt the compound it is necessary to break the lattice. This requires con- 
siderable energy, and so the melting point and boiling point are usually high, 
and the compounds very hard. Compounds with covalent bonds are usually 
made up of discrete molecules. The bonds are directional, and strong covalent 
bonding forces exist between the atoms in a molecule. In the solid, the only 
forces between one molecule and another are weak van der Waals forces. Thus 
the heat energy required to melt or boil the compound is the small amount 
needed to overcome the van der Waals forces. Hence covalently bonded com- 
pounds are often gases, liquids or soft solids with low melting points. In a few 
cases infinite three-dimensional covalent structures are formed rather than dis- 
crete molecules. In these cases there are strong forces operating in all direc- 
tions, hence diamond and silica, SiO;, are covalent but very hard and have high 
melting points. 

Ionic compounds conduct electricity because ions migrate towards the 
electrodes when the compound is melted or in solution. At the electrodes, the 
ions are neutralized; for example, in a solution of sodium chloride, the sodium 
ion gains an electron at the cathode, and forms a sodium atom while the 
chloride ion loses an electron at the anode, and becomes a chlorine atom. 
These changes amount to the transfer of electrons from cathode to anode, but 
the ionic mechanism involving both sorts of ions is in apparent contrast to the 
direct movement of electrons which accounts for the conductivity of metals. In 
an ionic crystal, the ions are trapped in fixed places in the crystal lattice; hence 
they cannot migrate and therefore cannot conduct electricity. If the crystal is 
not perfect (most crystals have defects) and a lattice site is left vacant, that is 
an ion is missing, some very slight conduction may occur by migration of an 
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ion from its lattice site to the vacant site. In contrast, covalent compounds are 
insulators. They have no electric charges and carry no current in either the 
solid, liquid or gaseous state. 

Ionic compounds are usually soluble in polar solvents: that is, solvents of 
high dielectric constant such as water. Covalent compounds are not normally 
soluble in these solvents but are soluble in non-polar (organic) solvents: that is, 
solvents of low dielectric constant such as benzene and carbon tetrachloride. 

Tonic reactions are usually rapid, since the reacting species have only to col- 
lide. Covalent compounds usually react slowly since the reaction usually in- 
volves breaking a bond and substituting or adding another group. Thus col- 
lisions between the reactant molecules will only cause reaction if they have 
sufficient energy. 

It is important to realize that bonds are not necessarily 100% covalent or 
100% ionic and that bonds of intermediate character exist. In a molecule made 
up of two identical atoms, both atoms have an equal tendency to gain 
electrons, so that thé electron pair forming the bond is equally shared by both 
atoms. This constitutes a 100% covalent bond. In molecules formed between 
different atoms, the tendency to gain electrons differs—hence the bond pair of 
electrons is unequally shared by the two atoms, one atom having a very small 
negative charge д— and the other a small positive charge 5+ 


& è- 
A——B 


This covalent bond is therefore partly ionic in character. 


Structures of Ionic Solids 


Limiting Radius Ratios 


In an ionic solid, positive ions are surrounded by negative ions, and vice 
versa. Normally each ion is surrounded by the greatest possible number of op- 
positely charged ions and this number is called the coordination number. The 
coordination numbers of positive and negative ions are the same if there are 
equal numbers of both ions, as in NaCl, and are different when there are dif- 
ferent numbers of positive and negative ions, as in CaCl,. The coordination 
number is related to the relative sizes of the ions. When the coordination 
number is three in an ionic compound АХ, three X- ions are in contact with 
one 4+ ion (Fig. 2.2a). A limiting case arises (Fig. 2.2b) when the X- ions are 
also in contact with one another, By simple geometry this gives the ratio 
radius A*/radius X- = 0-155. If the ratio falls below this value then the 
structure is unstable (Fig. 2.3), Coordination numbers of 3, 4, 6 and 8 are 
common, and the appropriate limiting radius ratios can be worked out. Some 
of these numbers and their limiting radius ratios are given in Table 2.1. 
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Fig. 2.3 


If the ionic radii are known, the radius ratio can be calculated and hence the 
Coordination number and shape may be predicted. It is convenient to divide 
ionic compounds into groups AX, АХ, >, AX, depending on the relative numbers 
of positive and negative ions. 


TABLE 2.1 
ES NS EE i SOE OE a О 
Coordination Shape Limiting radius ratio r+/r- 

number 
3 Planar triangle 0-155-0-225 
4 Tetrahedral 0-22520-414 
4 Square planar 0-41420-732 
6 Octahedral 0-41420-732 
8 Body-centred cubic 0-73221-000 
Close Packing 


Many common crystal structures are related to, and may be described in 
terms of, hexagonal or cubic close-packed arrangements. In a close-packed ar- 
Tangement of spheres, 2696 of the space is unoccupied, and may be regarded as 


Tetrahedral and octahedral sites Tetrahedral site. Octahedral site. 
in a close packed lattice. 
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holes in the crystal lattice. Two different types of hole occur. Those marked 
are bounded by four spheres and are called tetrahedral holes, and those marked 
O are bounded by six spheres are called octahedral holes. For every sphere 
in the close-packed arrangement there will be one octahedral hole and tw 
tetrahedral holes. The octahedral holes are larger than the tetrahedral holes. 
An ionic structure is composed of oppositely charged ions. If the larger ions 
are close packed, then the smaller ions may occupy either the octahedral holes: 
or the tetrahedral holes depending on their size. Normally the type of hole 
Occupied can be obtained from the radius ratio. Thus an ion occupying а 
tetrahedral hole has a coordination number of four, whilst one occupying an 
octahedral hole has a coordination number of six. In some compounds the 
relative sizes of the ions are such that the smaller ions are too large to fit in the ` 
holes, and they force the larger ions out of contact with each other so that they ^ 
are no longer close packed. Despite this, the relative positions of the ions re- 
mains unchanged, and it is convenient to retain the description in terms of close: 
packing. 1 


Ionic Compounds of the Type AX (ZnS, NaCl, CsCl) 


Three structural arrangements commonly found are the zinc sulphide, 
sodium chloride and caesium chloride structures. In zinc sulphide, ZnS, the 
radius ratio of 0-40 suggests a tetrahedral arrangement. Each Zn?* ion is 
tetrahedrally surrounded by four S?- ions and each S?- ion is tetrahedrally sur- 
rounded by four Zn? ions. This is therefore a 4:4 arrangement since the coor- | 
dination number of both ions is four. Actually two different forms of zinc 
sulphide exist, both 4:4 arrangements, one being called zinc blende and the 
other wurtzite (Fig. 2.4). 


They may be considered as close-packed arrangements of S?- ions with Я 


С 
C? 


A 
2 


i Zinc blende (ZnS) and wurtzite (ZnS) structures. 
Fig. 2.4 (Reproduced with Permission from Wells, A. F., Structural Inorganic 
Chemistry, 3rd ed., Oxford University Press.) 
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Fig. 2.5 Rock-salt (NaCl) structure. (Reproduced with permission from Wells, A. F., 
Structural Inorganic Chemistry, 3rd ed., Oxford University Press.) 


Zn** ions occupying ‘tetrahedral holes in the lattice. Since there are twice as 
many tetrahedral holes as there are S?- spheres, it follows that to obtain a for- 
mula ZnS only half of the tetrahedral holes are occupied by Zn?* ions (that is 
every alternate tetrahedral site is unoccupied). The difference between the two 
forms of ZnS is that zinc blende is related to a cubic close-packed structure 
whilst wurtzite is related to a hexagonal close-packed structure. 

The radius ratio of sodium chloride, NaCl, is 0-52 and suggests an octahed- 
ral arrangement. Each Nat ion is surrounded by six СІ- ions at the corners of 
a regular octahedron and similarly each СІ- ion is surrounded by six Na* ions 
(Fig. 2.5). This structure may be regarded as having СІ- ions occupying cubic 
close-packed positions, with Na* ions in all the octahedral holes. 

In caesium chloride, CsCl, the radius ratio is 0-93, indicating a body-centred 
cubic type of arrangement, where each Cs* ion is surrounded by eight CI- ions, 
and vice versa (Fig. 2.6). Note that this structure is not close packed, and it is 


Fig. 2.6 Caesium chloride (CsCl) structure. (Reproduced with permission from 
Wells, A. F., Structural Inorganic Chemistry, 3rd ed., Oxford University Press.) 
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not strictly body-centred cubic. In a body-centred cubic arrangement, the atom - 
at the centre of the cube is identical to those at the corners. In this case the ions 
at the corners and body centre are different, and the structure must be | 
described as a body-centred cubic type of arrangement and not body-centred 
cubic. To a first approximation, the relative numbers and sizes of the ions will 
determine the structure of the crystal. The radius ratios of the alkali metal 
halides and the alkaline earth metal oxides, sulphides, selenides and tellurides 
are shown in Table 2.2: 


TABLE 2.2 
Р? СГ, Вг: I- OAS Se- TM 
Li* Be 
Nat Mg?* 
Kt 0-98 Са?+ 
Rb* 0.92* 0-82 Sr% 
Cs* 0.80* 0.93 0:87 0.79 Ba?* 


* Indicates reciprocal value of r7/r* since the normal ratio is greater than unity. 


Except for CsCl, CsBr and CsI, which have a caesium chloride structure, 
and MgTe, which has a zinc sulphide structure, all the above compounds have 
a sodium chloride lattice at normal temperatures. Only those crystals with a 
radius ratio between 0-41 and 0-73 (enclosed by full line in above table) would 
be expected to have the sodium chloride structure. The difference in stability 
and lattice energy between coordination" numbers six and eight for RbCl and 
RbBr is small since they have a coordination number of six at normal tem- 
peratures and pressures, but adopt the higher coordination number if crystal- 
lized at high pressures or temperatures. 

Thus radius ratios provide a useful guide to what is possible on geometrical 
grounds, but do not necessarily provide a reliable method for predicting which 
structure is actually adopted. The radius ratio concept assumes that ions 
always adopt the highest possible coordination number, that they behave as 
hard inelastic spheres, and that their radii are known exactly. None of these 
assumptions is completely true in all cases. 

Ionic radii cannot be measured absolutely, but are estimated, and since they 
vary with the coordination number, conclusions based on them, though often 
useful, are not rigorous. (Note that the apparent ionic radius increases 396 if 
the coordination number is changed from six to eight and decreases 696 when 
the coordination number changes from six to four.) The reason why any par- 
ticular crystal structure is formed is that the lattice energy is favourable. 


Lattice Energy 


The lattice energy (U) of a crystal is the energy evolved when one gram 
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molecule of the crystal is formed from gaseous ions 


Nat ig + Chg) > Масы, AU = —782 kJ mol-! 


Lattice energies cannot be measured directly, but experimental values are ob- 
tained from thermodynamic data using a Born-Haber cycle (see Chapter 3). 
Theoretical values for lattice energy may be calculated using the Born-Landé 


equation: 
NoAz,z e 1 
U-- “аша E ; 
r n 
where 
No is the Avogadro constant—the number of molecules in a gram 
molecule—which has the value 6-023 x 10% mol! 
A is the Madelung constant, which depends on the geometry of the 
crystal 
z,andz_ ^ аге the charges on the positive and negative ions 
e is the charge on an electron 
r is the inter-ionic distance 
n is a constant (often assumed to be equal to 9) called the Born 


exponent. This is associated with the repulsion between ions. 
The first term in the equation deals with attraction between the ions, and the 
1/п term is associated with repulsion. This equation gives a calculated value of 
AU for sodium chloride of —755 kJ mol-!, which is quite close to the ex- 
perimental value. The experimental and theoretical values for the alkali halides 
all agree within about 3%, and agreement is even better if more complicated ex- 
Pressions (for example the Born-Mayer and Kapustinskii equation) are used to 
take account of the repulsive contribution, van der Waals forces and zero point 
energy. 

Values for the Madelung constant have been calculated for all the common 
Crystal structures, by summing the contributions of all the ions in the crystal 
lattice. Some values are given below. (It should be noted that different values 
from these are sometimes given where the z,z term in the Born-Landé 
equation is replaced by z?, where z is the highest common factor in the charges 
on the ions. The Madelung constant is rewritten M = Az,z_/z*. This practice 
is not recommended.) 


Madelung Constants 
Type of structure A M 
zinc blende ZnS 1.63806 1.63806 
wurtzite ZnS 1-64132 1-64132 


sodium chloride NaCl 1.74756 — 1.74756 
caesium chloride CsCl 1.76267 — 1.76267 
rutile TiO, 2.408 4-816 

fluorite CaF, 2.51939 5.03878 
corundum ALO, 4.17186 25-03116 
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The Born exponent n may be determined from compressibility measure- 
ments. The values often used are: 


Average values for the Born Exponent 


Electronic structure of ion n Example 


He 5 Lat, Bett 

Ne T Nat, Mgt, 0%, F- 

Ar LORS Ot 927, CH, Cut 
Kr 10 Rbt, Br-, Agt 

Xe I2 sS Ir. Au* 


Average values are used, e.g. Lit = 5, CF = 9, LiCl n = 7. 

The Born-Landé equation shows that the lattice energy depends on the pro- 
duct of the ionic charges, on the crystal structure, апа on the distance between 
ions. It is clear that the lattice energy in TiO, will be much larger than for NaCl 
because of the increased ionic charge. It has been seen that a number of salts 
which might be expected from radius ratio considerations to have a CsCl struc- 
ture in fact adopt a NaCl structure. The Madelung constant for CsCl is larger 
than for NaCl, and would give an increased lattice energy. However, the 
change from NaCl-type structure to CsCl type would increase the interionic 
distance r, which would decrease the lattice energy. These two factors work in 
opposite directions and partly cancel each other, thus making the NaC! type of 
lattice more favourable in lattice energy in some cases where a CsCI structure 
is geometrically possible. Consider a case such as RbBr, where the radius ratio 
is close to the borderline between 6 coordination (NaCl structure) and 8 coor- 
dination (CsCI structure). If the CsCl structure were adopted, the Madelung 
constant would increase the lattice energy by 0-86%, but the interionic distance 
would also increase by 3%, thus decreasing the lattice energy by 3%. Clearly 
the NaCl structure is preferred. 


Ionic Compounds of the Type АХ, (CaF, TiO.) 


There are two very common structures: fluorite, CaF, (Fig. 2.7), and rutile, 
TiO, (Fig. 2.8). Many difluorides and dioxides have one of these structures. In 
fluorite each Ca?* ion is surrounded by eight F- ions in a body-centred cubic 
arrangement. Since there are twice as тапу Е- ions as Ca** ions, the co- 
ordination number of both ions is not the same, and four Ca?* ions are tetra- 
hedrally arranged round each F- ion. The coordination numbers are eight and 
four and this is called an 8:4 arrangement. The fluorite structure is found when 
the radius ratio is 0-73 or above. It may be related to the close-packed struc- 
tures. Though the Са?* ions are too small to touch each other (so the structure 
is not strictly close packed), their relative positions are like those in a cubic 
close-packed structure, and the F- ions occupy all of the tetrahedral holes. 
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Fig. 2.7 Fluorite (СаЕ,) structure. (Reproduced with permission from Wells, A. F., 
Structural Inorganic Chemistry, 3rd ed., Oxford University Press.) 


The rutile structure is found where the radius ratio is between 0-73 and 0.41, 
The coordination numbers are six and three, each Ti** ion being octahedrally 
surrounded by six O?- ions and each O?- ion having three Ti** ions round it in 
a plane triangular arrangement. The rutile structure is not close packed, but the 
Ti** ions may be considered as forming a considerably distorted body-centred 
cubic lattice. 

There are only a few cases where the radius ratio is below 0-41. examples 
being silica SiO, and beryllium fluoride BeF, These have coordination num- 
bers of four and two, but radius ratio predictions are uncertain, as they are 
appreciably covalent. 


Fig. 2.8 Rutile (TiO,) structure. 
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Layer Structures 


Many AX, compounds are not sufficiently ionic to form the perfectly regular 
ionic structures described. Many chlorides, bromides, iodides and sulphides 
crystallize into structures very different from those described. Thus cadmium 
iodide, CdL, does not form the fluorite structure like CdF,. The radius ratio 
0-45 indicates a coordination number of six for cadmium, but the structure is 
made up of electrically neutral layers of Cd?+ ions sandwiched between layers 


Fig. 2.9 Part of two layers of cadmium iodide (CdL,) structure. 


of I- ions. This is therefore called a layer structure, and since the negatively 
charged I~ ions of one layer are adjacent to those of the next layer, and there 
are only weak van der Waals forces holding the sheets together, the crystal 
cleaves into parallel sheets quite easily. Most hydroxides of formula М(ОН), 
have similar layer structures. 

Cadmium iodide may be regarded approximately as a hexagonal close- 
packed arrangement of I- ions with the Cd?* ions occupying octahedral sites 
between alternate layers of I” ions. Cadmium chloride forms a closely related 
layer structure but with the chloride ions approximately in a cubic close- 
packed arrangement. 
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The Cdl, structure is related to the nickel arsenide NiAs structure, where 
the arsenic atoms form a hexagonal close-packed type of lattice with nickel 
atoms occupying octahedral sites between all of the layers of arsenic atoms. 

Layer structures are intermediate in type between the extreme cases of (1) a 
totally ionic crystal with a regular arrangement of ions and strong electrostatic 
forces in all directions, and (2) a crystal in which small discrete molecules are 
' held together by weak residual forces such as van der Waals forces and hydro- 
gen bonds. 

For details of other ionic structures such as perovskite and spinels see refs. 
1, 2 and 7. 

The essential feature about crystalline solids is that the constituent mole- 
cules, atoms or ions are arranged in a completely regular three-dimensional 
pattern. Models built to show the detailed structure of crystalline materials are 
usually grossly misleading, for they imply a perfect, static pattern. Since the 
atoms or ions have a considerable degree of thermal vibration, the crystalline 
state is far from static, and the pattern is seldom perfect. Many of the most 
useful properties of solids are related to the thermal vibration of atoms, the pre- 
sence of impurities or the existence of defects. 


Stoichiometric Defects 


In stoichiometric compounds, i.e. ones where the numbers of positive and 
negative ions are exactly in the ratios indicated by their chemical formulae, two 
types of defects may be observed. They are called Schottky and Frenkel 
defects respectively. At absolute zero, crystals tend to have a perfectly ordered 
arrangement. As the temperature increases, the chance that a lattice site may 
be unoccupied by an ion increases. This constitutes a defect, and since the 
number of defects depends on the temperature they are sometimes called 
thermodynamic defects. The number of defects formed per cm? (n) is given by. 


n =N exp (CW/2kT) 


where N is the number of sites per cm? that could be left vacant, W is the work 
necessary to form a defect, К is the gas constant and T the absolute tem- 
perature. 


Schottky Defects 


A pair of ‘holes’ exist in the crystal lattice due to one positive ion and one 
negative ion being absent from the crystal lattice (see Fig. 2.10). This sort of 
defect tends to be formed in highly ionic compounds with high coordination 
numbers, and where the positive and negative ions are of similar size, e.g. NaCl, 
CsCl, KCl and KBr. 


@-®-@-®-@ 
se dor Fig. 2.10 Schottky defect. 
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A ‘hole’ may exist in the lattice because an ion occupies an interstitial position 
rather than its correct lattice site (see Fig. 2.11). This type of defect is 
favoured by a large difference in size between the positive and negative ions. 


yerum San Л 
-©) 


$99 X : 2e Fig.2.11 Frenkel defect. 

Since positive ions are exe smaller cam negative ions, it is more common 
to find the positive ions occupying interstitial positions. Small positive ions are 
highly polarizing and large negative ions are readily polarized; hence these 
compounds have some covalent character. This distortion of ions, and the 
proximity of like charges leads to a high dielectric constant. It is easier to form 
Frenkel defects in compounds that have a low coordination number, since 
fewer attractive forces have to be broken. Examples of this type of defect are 
ZnS, AgCI, AgBr and AgI. 

The energy needed to form a Schottky defect is usually less than that to form 
a Frenkel defect, and in a given compound one type generally predominates. In 
NaCl, the energy to form a Schottky defect is about 200 kJ mol-! compared 
with a lattice energy of approx. 750 kJ mol-!. It is therefore much easier to 
form a defect than to break the lattice. The number of defects is relatively 
small, and at room temperature NaCl has only one defect in 10" lattice sites, 
this value rising to one in 105 sites at 500 °C and one in 10* sites at 800 °C. 

A consequence of these defects is that a crystalline solid that has defects 
may conduct electricity to a small extent, by an ionic mechanism. If an ion 
moves from its lattice site to occupy a ‘hole’, it creates a new ‘hole’, and in this 
way a ‘hole’ may migrate across a crystal, which is effectively moving a charge 
in the opposite direction. In the case of Schottky defects, conduction may arise 
either from migration of the smaller ion only (usually the positive ion) or from 
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migration of both types of ions in opposite directions. At temperatures below 
500 °C most of the alkali halides conduct by migration of the cations only, but 
at high temperatures both anions and cations migrate. Further, the amount of 
anionic conduction increases with temperature, as shown below. 


°С М№аЕ ‘NaCl NaBr 


% cationic % anionic 96 cationic % anionic % cationic 96 anionic 


400 100 0 100 0 98 2 
500 100 0 98 2 94 6 
600 92 8 91 9 89 11 


Frenkel defects may also give rise to ionic conduction, if the thermal vibration 
is sufficient to allow the interstitial ion to move to another interstitial site. 

The density of a defect lattice should be lower than for a perfect lattice, 
because of the ‘holes’ present. However, the presence of an interstitial ion may 
expand the lattice and increase the unit cell dimensions, or the presence of too 
many ‘holes’ may allow a partial collapse or distortion of the lattice—in which 
case the change in density is unpredictable. 


Nonstoichiometric Defects 


Nonstoichiometric or Berthollide compounds exist over a range of chemical 
composition, and do not therefore obey the law of constant composition. The 
ratio of positive and negative ions present in a compound differs from that in- 
dicated by the ideal chemical formula, and the balance of + and — charges is 
maintained by having either ‘extra electrons or extra positive charges present. 
This makes the structure irregular in some way, i.e. it contains defects, which 
are in addition to the normal thermodynamic defects already discussed. 
Nonstoichiometry implies that either the metal or the nonmetal atoms are 
present in excess. 


Metal Excess 


This may occur in either of two ways. In the first, a negative ion may be ab- 
sent from its lattice site, leaving a ‘hole’ which is occupied by an electron, 
thereby maintaining the electrical balance (see Fig. 2.12). This is rather similar 
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26) Fig. 2.12 Metal excess defect due to absent anion. 
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to a Schottky defect in that there are ‘holes’ and not interstitial ions, but only 
one ‘hole’ is formed rather than a pair. This type of defect is formed by crystals 
which would be expected to form Schottky defects. Examples are uncommon, 
but if NaCl is treated with Na vapour, a yellow nonstoichiometric form of 
NaCl is obtained, and a blue-coloured nonstoichiometric form of KCl may be 
prepared by analogous means. : 

The vacant sites occupied by electrons are called F-centres (or colour 
centres), and it is these which are associated with the colour of the compound. 
The more F-centres present, the greater the intensity of the coloration. Solids 
containing F-centres are paramagnetic, because the electrons occupying the 
vacant sites are unpaired. If materials with F-centres are irradiated with light 
they become photoconductors. It is thought that the electrons in the F-centres 
absorb the light energy and become promoted into a conduction band, rather 
similar to the conduction bands present in metals. 

A second way in which metal excess defects may occur is if an extra positive 
ion occupies an interstitial position in the lattice. Electrical neutrality is main- 
tained by an electron, also in an interstitial position (see Fig. 2.13). This type of 
defect is rather like a Frenkel defect in that ions occupy interstitial positions, 
but there are no ‘holes’, and there are also interstitial electrons. This second 
kind of metal excess defect is much more common than the first, and is formed 
in crystals which would be expected to form Frenkel defects, e.g. ZnO. 


T e- 1 Fig.2.13 Metal excess defect caused by interstitial 


Crystals with either type of metal excess defect contain free electrons, and if 
these migrate they conduct an electric current. Since there are relatively few 
defects and hence few free electrons that can conduct electricity, the amount of 
current carried is very small compared with that in metals, fused salts or salts 
in aqueous solutions, and these materials are called semiconductors. Since the 
mechanism is normal electron conduction, these are called n-type semi- 
conductors. These free electrons may be excited to higher energy levels giving 
absorption spectra, and in consequence their compounds are often coloured, 
e.g. nonstoichiometric NaCl is yellow, nonstoichiometric KCl lilac, and ZnO is 
white when cold but yellow when hot. 
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Metal Deficiency 


Theoretically metal deficiency can occur in two ways. Both require variable 
valency of the metal, and might therefore be expected with the transition 
metals. In the first way, a positive ion is absent from its lattice site, and the 
charges are balanced by an adjacent metal ion having two charges instead of 
one (see Fig. 2.14). Examples of this are FeO, FeS and NiO. 


Q 4) Fig. 2.14 Metal deficiency defect caused by miss- 


@-@-@-@ ing positive ion. 
(- 


The second possibility is to have an extra negative ion in an interstitial 
position and to balance the charges by means of an extra charge on an adja- 
cent metal ion (see Fig. 2.15). Negative ions are usually large, and it would be 
expected to be difficult to fit them into interstitial positions. In fact no examples 
of crystals containing such negative interstitial ions are known at present. 


H H H H Fig. 2.15 Metal deficiency defect caused by 


@-()--@-@Э interstitial negative ion. 


Crystals with metal deficiency defects are semiconductors because of the 
moving of an electron from an А* ion to ап А? ion, i.e. an apparent movement 
of А?+. This is called positive hole, or p-type semiconduction. 

For details of nonstoichiometric compounds, see refs, 2, 6, 7, 28 and 29. 


Semiconductors and Transistors 


Semiconductors are solids that are insulators at absolute zero, but which 
conduct electricity by the passage of electrons at normal temperatures. Ger- 
manium and silicon are the most common practical examples. The atoms of 
both have four electrons in the outer shell of their atoms, which form four 


46 


covalent bonds to other atoms and give rise to a tetrahedral structure like dia- 
mond. Given sufficient energy, some of the covalent bonds break, and electrons 
are ejected from their normal sites. These electrons can then migrate, leaving 
behind a positive charge where a bond is missing. Electrical conduction takes 
place by the migration of electrons one way, and the migration of ‘positive 
holes’ in the other. This is termed intrinsic conduction. 

Germanium and silicon are obtained very pure by zone refining. If some im- 
purity is added deliberately, for example the addition of some atoms with five 
electrons in their outer shell such as arsenic, four of the electrons form bonds 
and the fifth can carry current quite readily. This is extrinsic conduction, and is 
much greater than intrinsic conduction. Since the current is carried by excess 
electrons, it is n-type semiconduction. 

Alternatively if some atoms, such as indium, with only three outer electrons, 
are introduced, they are unable to complete the covalent structure. Some sites 
normally occupied by electrons are left empty and so constitute ‘positive holes’. 
If adjacent electrons fill these ‘holes’, they form other ‘holes’, and by migration 
in this way, the current is carried. This is p-type semiconduction. 

If a single crystal has a variable concentration of impurity such that one part 
is a p-type and the other an n-type, the p-n junction will only allow current 
from an outside source to flow through it in one direction, i.e. it acts as a rec- 
tifier. Other transistors have three zones and p-n-p and n-p-n transistors are 
widely used in radio and electrical circuits. 


Structures of Simple Covalent Molecules 


The chance of finding an s electron in any particular direction from the nuc- 
leus (the angular distribution probability) is the 
same for all directions. In other words there is a 
high probability of finding an s electron within a 
spherical volume of space, that it occupies a y 
spherical orbital (Fig. 2.16). 

The six p electrons which can fill each shell oc- Ў e 
cupy three orbitals which are mutually at right- 
angles pointing along the x, y and z axes. The 
orbitals are dumb-bell shaped and are called p,, р, 
and p, respectively (Fig. 2.17). 

When a covalent bond is formed, electrons are Fig. 2.16 Angular distribu- 
shared between two atoms and the atoms must ЧОП Probability for s orbitals 
approach sufficiently closely for the orbitals of one atom to overlap the orbitals 
of the other. Thus the distribution in space of the orbitals determines the shape 
of the resultant molecule. Since an orbital can only contain two electrons at 
most, it follows that in covalent bond formation an orbital containing one 


electron on one atom overlaps with a singly-occupied orbital on the other atom, 
and thus both orbitals have a share in two electrons. 


z 
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р, D, p, 


X 
Fig. 2.17 Angular distribution probability for p orbitals (note the+ and — signs refer 
to symmetry and sign of the wave function, and not charges). 


Sidgwick-Powell Theory 

In 1940 Sidgwick and Powell pointed out that the shape of a molecule was 
related to the number of electron pairs in the outer shell of the central atom. 
Pairs of electrons occupy orbitals and since the occupied orbitals repel each 
other they are orientated in space as far apart as possible. This applies irrespec- 
tive of whether the electron pair is shared (bond pair) or is not shared (non- 
bonding or lone pair). If the distribution of orbitals about the central atom can 
be predicted, the shape of the molecule and bond angles can also be predicted. 
Alternative names for this theory are the Gillespie-Nyholm theory and the 
Valence Shell Electron Pair Repulsion (VSEPR) theory. Table 2.3 shows well 
known arrangements of electron pairs. 

Consider the structure of a gaseous molecule of beryllium fluoride BeF,. The 
beryllium atom is the central atom in this molecule and the electronic structure 
of a beryllium atom in its ground state (lowest energy state) is 1s? 2s?. This 
may be shown diagrammatically, using arrows for electrons and boxes for 
energy levels: 


Electronic structure of beryllium i я 2 

atom—ground state (17129 

When two electrons occupy the same orbital, they must have opposite spins, 
due to the Pauli exclusion principle which states that in an atom, no two 
electrons can have all four quantum numbers the same. Since there are no un- 
paired electrons, this atom cannot form any covalent bonds. It follows that in 
BeF, the Be atom is not in the ground state, but is in an excited state, with 
sufficient extra energy to unpair a 2s electron. 


1s 2s 2p 
Beryllium atom—excited state eS 


Here there are two unpaired electrons, so Be can form two covalent bonds. 


1s 2s 2p 
Beryllium atom in BeF, ERE BS 


} Electrons gained by bonding with fluorine atoms 
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TABLE 2.3 Molecular Shapes Predicted by Sidgwick-Powell Theory 


Number of electron Shape of molecule Bond angles 
pairs in outer shell 


2 linear ө. e. е 180° 

l SET Д y 

4 tetrahedron ДУ 109° 28’ 

5 trigonal 120? and 90° 
bipyramid 

6 octahedron 90° 

7 pentagonal “72° and 90° 


bipyramid 
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Using the Sidgwick-Powell theory the two filled orbitals in the outer shell 
would be expected to be at 180° to each other. However if one s and one p 
bond have been formed, these should be of different strengths, and since s 
bonds are non-directional, the bond angle cannot be predicted. 


2s 2p 


йы ris 
— — 


Position of 
second F atom 


Fig. 2.18 Опе F atom overlaps with the 2p orbital, but position of overlap of other F 
atom with 2s orbital uncertain. 


Hybridization 


In fact both bonds are of equal strength and the molecule is linear, the bond 
angle F-Be-F being 180°. Hybridization provides a useful and convenient: 
method of predicting the shapes of molecules. It must be noted that though it is 
valuable in predicting and describing the shape, it does not explain the reason 
for the shape. The ultimate reason for any shape is that this particular solution 
to the wave equation gives the most favourable energy of formation. If the 
energy of the s and p orbitals is combined, two hybrid orbitals of the same 
shape and energy are formed. Combination of one s and one p orbital is called 
sp hybridization and the resultant sp hybrid orbitals, which have one lobe much 
larger than the other, point in opposite directions (see Fig. 2.19). 


S orbital p orbital Two sp hybrid 


orbitals 
F. Be F 
Qum 


Fig. 2.19 Formation of sp hybrid orbitals, and their use in forming beryllium 
difluoride. 


180° 
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More effective overlapping of orbitals is now possible, and since the two 
electron pairs are as far apart as they can be, repulsion between them is 
minimized, and thus sp hybrid orbitals form stronger bonds than those formed 
by overlap of s or p orbitals. If the strength of the bond formed using an s or- 
bital is 1-0, the relative strengths of bonds using various atomic orbitals are 
given in Table 2.4. 


TaBLE 2.4 Approximate Strengths of 
Bonds Formed by Various Atomic Orbitals 


Atomic orbital ^ Relative bond strength 


$ 1-0 
p 1-73 
sp 1-93 
5р? 1-99 
sp? 2-00 


Consider the structure of a boron trifluoride molecule. The boron atom is the 
central atom in the molecule and has the electronic structure 1s? 2s? 2р!. The 
atom in its ground state has only one unpaired electron, so that it can form 
only one covalent bond, but in the excited state there are three unpaired 
electrons; hence three bonds can be formed. 


2 
Electronic structure of boron 


Is 2s 


atom—ground state 


Boron atom—excited state 


Boron atom—having gained 
three electrons from fluorine 
atoms in BF, molecule 


р 


MIO aee 


sp? hybridization 


Since there are three orbitals in the outer shell, they should be distributed at 
120? to each other according to the Sidgwick-Powell theory, giving a planar 
triangle. The three orbitals used for bonding do not retain their individual s and 
p characteristics, but are hybridized, giving three sp? hybrid orbitals, which are 
120° apart; this minimizes the repulsion between electron pairs. Since these sp” 
hybrid orbitals overlap with orbitals from F atoms to form the bonds, it foilows 
that the bond angles are also 120? and the molecule is triangular and planar 

* (Fig. 2.20). 

Carbon, the central atom in a molecule of methane CH,, has only two un- 
paired electrons in the ground state. The two electrons in the 2p level are not 
paired, i.e. put into the same box, in accordance with Hund's rule, which states 


51 


three sp? hybrid 
orbitals 


Fig. 2.20 


that in a given energy level, e.g. 2p, we always get the maximum number of un- 
paired electrons. In the excited state carbon can form four bonds. Since there 
are four filled orbitals in the outer shell then the Sidgwick-Powell theory would 
indicate a tetrahedral structure. Instead of using the s orbital and the three p or- 
bitals, bond hybridization occurs and four equivalent sp? hybrid orbitals are 
formed (Fig. 2.21). 

ls 2s 2 


р 
Electronic structure of carbon 
atom—ground state iti | 
Carbon atom—excited state 
Carbon atom having gained four 
electrons from H atoms in CH, ШЕЙШ) 
осше sp? hybridation 


The repulsion between four orbitals is smallest if they point to the corners of 
a regular tetrahedron, and make a bond angle of 109° 28’. 
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F 
Fig.2.22 Fluoroborate ion. 

The structure of the fluoroborate ion ВЕ, (Fig. 2.22) may be considered in 
stages by starting with a BF, molecule, and then adding a F- ion. The fluoride 
ion as a full shell of eight electrons, and this may donate a lone pair of electrons 
to the empty 2p orbital on the boron atom in BF ,. Since there are four electron 


Boron atom—having gained 


2s 2p 
three electrons from fluorine i 
atoms in BF, molecule L 


а h 2s 2p 
BF, molecule having gained a 
lo ir from F-, becomi 
immi emt [i 


sp? hybridization 

pairs in the outer shell, these should be distributed tetrahedrally. Alternatively 
sp? hybridization results in a tetrahedral structure. There is no difference be- 
tween a covalent and a coordinate bond once the bond is formed, since both in- 
volve an electron pair bond, and the only difference is the origin of the 
electrons. According to Pauling's electron neutrality rule, the negative charge 
does not remain localized on one fluorine atom, but is spread over all the atoms 
in the structure. 

Ina molecule of ammonia, nitrogen, the central atom, has three unpaired 
electrons in its ground state—sufficient to form three bonds; so it is not 
necessary to excite the atom. 

Electronic structure of the Is 


2s 2p 
nitrogen atom—ground state 


Nitrogen atom having gained 


three electrons from three H 
— 


atoms in NH, molecule 3 
sp? hybridization 


The distribution of four orbitals should be tetrahedral according to the 
Sidgwick-Powell theory, and the hybridization of one s and three p orbitals 
gives this arrangement. Three of the orbitals are used for bonding, and contain 
a shared pair of electrons, whilst the fourth orbital contains a lone pair of 
electrons (Fig. 2.23). 

This shape is either called pyramidal or described as tetrahedral with one 
corner occupied by a lone pair. Repulsions between these orbitals are not all 
of equal strength because all four orbitals are not in the same environment. 
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Fig. 2.23 


In general the repulsion between two lone pairs is greater than that between 
a lone pair and a bond pair, which in turn is greater than that between two 
bond pairs of electrons. On passing from methane to ammonia, a bond pair is 
replaced by a lone pair which repels the other bond pairs more strongly, thus 
reducing the bond angle HNH from 109° 28' to 106° 45’. 

In a molecule of water, oxygen, the central atom, has two unpaired 
electrons, which are sufficient to form the two bonds required. Any triatomic 


ls 2s 2p 
Electronic structure of oxygen 
atom—ground state 
Oxygen atom, having gained two 
electrons from hydrogen atoms 


in H,O molecule sp? hybridization 


molecule must be either.linear with a bond angle of 180°, or else angular, that 
is bent. There are four electron pairs in the outer orbital (2 bond pairs and 2 
lone pairs). The Sidgwick-Powell theory suggests that these should be tetrahed- 
rally distributed, so the molecule must be angular in shape. 

Once again the four outer orbitals are hyb- 
ridized, and are distributed tetrahedrally (Fig. 
2.24). The structure is called either tetrahedral 
with two positions occupied by lone pairs, or V- 
shaped. Here the two lone pairs distort the bond 
angle more than it was distorted by the one lone 
pair in ammonia; the bond angle HOH in water is 
104° 27’. 

Distortion of the ideal shape may be related 
also to electronegativity. (see next chapter). In a 
series of molecules such as NH;, PH, AsH;, 
because the electronegativity of the central atom Fig. 2.24 


AZ, 
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decreases N > Р — As the bonding electrons are drawn nearer to the hydro- 
gen atoms, that is further away from the central atom, repulsion between bond 
pairs of electrons decreases and the bond angles decrease progressively from 
106° 45' in NH, to 93° 50' in PH, to 91° 35' in AsH,. 

In a gaseous molecule of phosphorus pentachloride, РСІ, (Fig. 2.25), 
phosphorus, the central atom, has only three unpaired electrons in its ground 
state. An electron must be unpaired to provide the correct number of unpaired 
electrons for bond formation; and the 3d level is used rather than following in 
the order in which energy levels are filled when electrons are added to atoms. 

Hybridization may take place only between orbitals of roughly the same 
energy. It follows that it is not possible to hybridize the 2s or 2p levels with the 
3s, or the 3s or 3p with 4s. The d levels are intermediate in energy, and may in 
certain circumstances be used with the energy levels either below or above, that 
is 3s with 3d, and 3d with 4s are both possible. It must be noted that there is 
controversy about the extent to which d orbitals participate in hybridization, ' 
but since the theory is simple, elegant and allows the prediction of the correct 
structure it is described here. 


3s 3p 3d 
Electronic structure of 
phosphorus atom—ground mM 


state 


Phosphorus atom—excited 
state КИИ Е 


Phosphorus having gained буе ЙЛЫ ТТА 
electrons from chlorine atoms in [s] mL 
PCI l 
шне sp°d hybridization 
n Five orbitals are being used and sp3d hyb- 
ridization occurs, giving a trigonal bipyramid struc- 
ture. 
This is not a completely regular structure, since 
Ct Á ct some bond angles are 90? and others 120°. Sym- 


metrical structures are usually more stable than un- 
symmetrical ones; thus PCI, is highly reactive, and — 
in the solid state splits into PCl,+ and PCI,- ions, 
which have tetrahedral and octahedral structures 
respectively. ` 
Сї i In a molecule of chlorine trifluoride (Fig. 2.26), 
Fig. 2.25 Phosphorus the chlorine atom must be excited to provide the 
pentachloride molecules. right number of unpaired electrons. 
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Electronic structure of chlorine 


atom—excited state 
Chlorine atom having gained 


three electrons from fluorine HEB 
үл Еш шн ч ШУ 


atoms in CIF, molecule 
sp'd hybridization 


Once again there are five orbitals in the outer shell which are hybridized, giv- 
ing five sp?d hybrid orbitals and a trigonal bipyramid arrangement. Three or- 
bitals contain bond pairs and two contain lone pairs. Since the bond angles are 
not all the same, all the corners are not equivalent, and several arrangements 
are theoretically possible. 
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Fig. 2.26 Chlorine trifluoride molecule. 


Structure 1 is the most symmetrical, but the most stable structure will be the 
one of lowest energy, that is the one with the least repulsion between the five or- 
bitals. Normally lone pairs repel each other the most strongly, lone pair-bond 
pair repulsions are next strongest, and bond pair-bond pair repulsions the 
weakest. However the trigonal bipyramid structure is not regular and groups 
at 90° to each other repel each other very strongly, whilst repulsions between 
groups 120° apart are very much less. Structure 1 has six 90° repulsions be- 
tween lone pairs and atoms; structure 2 has three 90° repulsions between lone 
pairs and atoms plus one 90° repulsion between two lone pairs, and structure 3 
has four 90° repulsions between lone pairs and atoms. From a consideration of 
these factors, structure 3 would seem the most probable. As a general rule, if 
lone pairs occur in a trigonal bipyramid they will be located in the equatorial 
positions (round the middle) rather than the apical positions (top and bottom), 
since this arrangement minimizes repulsive forces. The bond angles have been 
found to be 87° 40’, so the structure must be 3, and the slight distortion from a 
right-angle must be due to the repulsion of the two lone pairs. 
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In sulphur tetrafluoride, SF, (Fig. 2.27), the sulphur atom must be excited to 
provide four unpaired electrons to form the required number of covalent bonds. 
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Since there are five electron pairs in the outer shell, the Sidgwick-Powell theory 
predicts a trigonal bipyramidal structure, with four corners occupied by atoms, 
and one by a lone pair. sp°d hybridization of the orbitals results іп the same 
shape. To minimize the repulsive forces the lone pair occupies an equatorial 
position, and atoms are located at the other four corners. 
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Fig. 2.27 Sulphur tetrafluoride molecule. Fig. 2.28 the tri-iodine ion. 


If iodine is dissolved in aqueous potassium iodide, the tri-iodide ion las 
formed. This is an example of a polyhalide ion, which is similar in structure to 
BrICI- (see Group VII). The I;- ion (Fig. 2.28) has three atoms, and must be 
either linear or angular in shape. It is convenient to consider the structure in a 
series of stages—first an iodine atom, then an I, molecule, and then the I , ion 
made up of an I, molecule with an I- bonded to it by means of a coordinate 
bond. 
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There are five electron pairs in the outer shell (2 bond pairs and 3 lone pairs). 

The Sidgwick-Powell theory predicts a trigonal bipyramid. Hybridization of 
the orbitals gives sp*d, and a trigonal bipyramid. The three lone pairs occupy 
the equatorial positions. The ion is therefore linear in shape, with a bond angle 
of exactly 180°. 
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Fig. 2.29 Sulphur hexa- 
fluoride molecule. 
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In sulphur hexafluoride, SF, (Fig. 2.29), the sulphur atom is excited to pro- 
vide sufficient unpaired electrons. 
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Sp'd* hybridization occurs and the six hybrid orbitals are directed to the 
Corners of a regular octahedron. 
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Iodine heptafluoride is perhaps the only example of seven orbitals and sp?d? 
hybridization (see Chapter 4, Group VII). The number of outer orbitals and 
commonly occurring shapes and types of hybridization are summarized in 
Table 2.5. 


Number of outer orbitals ^ Shape Hybridization 

2 Linear sp 

3 Plane triangle 5р? 

4 Tetrahedron sp? 

5 Trigonal bipyramid sp’ d 

6 Octahedron sp’ а? 
yj Pentagonal bipyramid sp! d? 
(4 Square planar dsp’) 


The Extent of d Orbital Participation in Molecular Bonding 


The bonding in PCI, has been described using hybrids of the 3s, 3p and 3d 
atomic orbitals for phosphorus. The average values for the radial distance for 
phosphorus orbitals аге 35 = 0-47 А, 3p — 0.55 А and 3d 2.43 А. The 
energy of an orbital is proportional to its mean radial distance, and since the 34 
orbital is much larger and much higher in energy than the 3s and Зр it would at 
first seem unlikely that hybridization involving s, p and d orbitals could pos- 
sibly occur. Several factors affect the size of orbitals, the most important being 
the charge on the atom. If the atom carries a formal positive charge, all the 
electrons will be pulled in towards the nucleus—but the effect is greatest for the 
outer electrons. If the atom is bonded to a highly electronegative element such 
as F, O or Cl, then the electronegative element attracts more than its share of 
the bonding electrons and attains a б— charge, and leaves a + charge on P. 
This causes the 3d orbitals to contract in size very much more than the con- 
traction of the 3s and 3p orbitals so that the energy of the 3s, 3p and 3d or- 
bitals become close enough to allow hybridization to occur in РСІ,. Hydrogen 
does not cause this large contraction, so PH, does not exist. 

In a similar way the structure of SF, is explained by spd? hybridization, and 
the presence of six highly electronegative F atoms causes a large contraction of 
the d orbitals. A second factor affecting the size of d orbitals is the number of d 
orbitals occupied by electrons. If only one 3d orbital is occupied on an S atom, 
the average radial distance is 2-46 A, but when two 3d orbitals are occupied 
the distance drops to 1-60 A. The effect of changing the charge can be seen: 


Mean radial distance A 
3s 3 3d 
Р: $ atom (neutral) 4 
(sp?d? configuration) 0-88 0-94 


1-60 
S atom (charge + 0-6) 0.87 0.93 1-40 
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A further small contraction of d orbitals may arise by coupling of the spins 
of electrons occupying different orbitals. 
М It seems probable that d orbitals do participate in bonding in cases where 
d-orbital contraction occurs. 


Sigma and Pi Bonds 


All the bonds formed in these examples result from end to end overlap of or- 
bitals and are called sigma (c) bonds. When double or triple bonds occur, some 
orbitals overlap laterally giving рі (л) bonds. л bonds are never included in hyb- 
ridization, but apart from this all the orbitals in the outer shell are hybridized. 


oo Н+ 


sigma overlap (lobes point along the line pi overlap (lobes are at 
joining the nuclei) right angles to the line 
Н joining the nuclei) 


Fig. 2.30 Sigma and pi overlap. 
Consider the structure of the carbon dioxide molecule. Since carbon is 
typically four-valent and oxygen typically two-valent, the bonding can be 
simply represented 


О=С=О 


Triatomic molecules must be either linear or angular. In carbon dioxide, the 
carbon atom is excited to provide four unpaired electrons to form the four 
bonds required. 
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Electronic structure of carbon 
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Electronic structure of carbon 
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sp hybridization 


There are two pi bonds and two sigma bonds in the molecule. Pi orbitals are 
not hybridized, and do not affect the shape of the molecule. Thus two electron 
pairs are ‘reserved’ for pi bonding. The remaining s and p orbitals are used to 
form the sigma bonds, and the two sp hybrid orbitals produced result in a 
linear molecule, with a bond angle of 180°. The two unhybridized p orbitals on 
the carbon atom are at right angles to the sp hybrid orbitals, and overlap 
sideways with p orbitals on the oxygen atoms at either side. This pi overlap 
shortens the carbon-oxygen distances, but does not affect the shape. 
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Sulphur shows oxidation states of (+II), (--IV) and (+VI), whilst oxygen is 
two-valent. the structure may be represented $ 

0=5=0 "i 
and this could be either linear or bent. The sulphur atom must be excited to 
provide four unpaired electrons. : 
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The two electron pairs which form the pi bonds 
are excluded from hybridization, and the resultant | 
sp' hybridization results in a planar triangular. 
| structure for the molecule with one corner occupied — 


atoms (Fig. 2.31). 
o The pi bonds do not alter the shape, but merely 
Fig. 2.31 Sulphurdiox- shorten the bond lengths. The bond angle is reduced — 
ide molecule from the ideal value of 120° to 119-5° because of 
. the repulsion by the lone pair of electrons. ] 
In the sulphur trioxide molecule SO, valency requirements suggest the struc- 
ture о 
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The three pi bonds are excluded, and sp? hybridization of the sigma bonds 
gives a completely regular plane triangle (Fig. 2.32). 


[0] 


Fig. 2.32 Sulphur trioxide 
molecule. 
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The pi bonds shorten the bond lengths, but do not affect the shape. 


Molecular Orbital Method 


The previous section described the valence bond or electron pair theory. 
There the molecule was regarded as composed of atoms, which to some extent 
retained their character even when chemically bonded. 

In the hybridization of atomic orbitals so far discussed, atomic orbitals from 
the same atom have been combined to produce hybrid orbitals which can over- 
lap more effectively with orbitals from other atoms, thus producing stronger 
bonds. In the molecular orbital theory, the valency electrons are considered to 
be associated with all the nuclei concerned and to do this atomic orbitals from 
different atoms must be combined, that is added together, to produce molecu- 
lar orbitals. 

Electrons may be considered either as particles or as waves. An electron in 
an atom may therefore be described as occupying an atomic orbital, or by a 
wave function y, which is a solution to the Schródinger wave equation. 
Electrons in a molecule are said to occupy molecular orbitals. The wave func- 
tion describing a molecular orbital may be obtained by one of two procedures: 

1. Linear combination of atomic orbitals (LCAO). 

2. United atom method. 


LCAO Method 


Consider two similar atoms 1 and 2 which have atomic orbitals described by 
the wave functions y(1) and y(2). When these atoms form a bond, the 
electrons originally in the atomic orbitals now occupy molecular orbitals, and 
the molecular orbital is formed by a linear combination of the atomic orbitals 
v(1) and y(2). 

w= NICQ)w() + CQ) v)! 
where N is a normalizing constant chosen to ensure that the probability of find- 


ing the electron in the whole of the space is unity, and C(1) and C(2) are con- 
stants chosen to give a minimum energy for v. 
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s-s Combinations of Orbitals 


Suppose the atoms 1 and 2 are hydrogen atoms, then the wave functions - 
v(1) and v(2) describe the 1s atomic orbitals on the two atoms. Two com- 
binations of the wave functions y(1) and (2) аге possible 

(i) where the signs of the two wave functions are the same 

(ii) where the signs of the two wave functions are different. 


(If one of the wave functions y(1) is arbitrarily assigned a +ve sign, the other 
may be either +ve or —ve). Wave functions which have the same sign may be 
regarded as waves that are in phase, which when combined add up to give a 
larger resultant wave. Similarly wave functions of different signs correspond to 
waves that are completely out of phase and which cancel each other by 
destructive interference. (The signs + and — refer to signs of the wave func- 
tions, which determine their symmetry, and have nothing to do with electrical 
charges.) The two combinations are ` 


v(g) = МЇ(1) + у(2)} 
апа 
у(и)= М (1) + —у(2)} = N{y(1) — v(2)) 


The latter equation should be regarded as the summation of the wave functions 
and not as the mathematical difference between them. 


Atomic orbitals Molecular orbitals 
bonding orbital 
s s Mg) 


в* overlap 
antibonding orbital 
a de Vu) 
Fig. 2.33 | s-s combinations of atomic orbitals. 


When a pair of atomic orbitals y(1) and y(2) combine, they give rise to a 
pair of molecular orbitals v(g) and y(u). The number of molecular orbitals 
produced must always be equal to the number of atomic orbitals involved, 
that is orbitals may not be destroyed. The function w(g) leads to increased _ 
electron density in between the nuclei, and is therefore a bonding molecular 
orbital. It is lower in energy than the original atomic orbitals. Conversely v(u) 
results in two lobes of opposite sign cancelling v and hence giving zero electron 
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distance between atoms 


Fig. 2.34 Energy of y(g) and w(u) molecular orbitals. 


density in between the nuclei. This is an anti-bonding molecular orbital which 
is higher in energy (Fig. 2.34). 

In the molecular orbital, wave functions are designated y(g) and y(u); g 
stands for gerade (even) and u for ungerade (odd). g and u refer to the sym- 
metry of the orbital about its centre. If the sign of y is unchanged when the or- 
bital is reflected about its centre (i.e. x, y and 2 are replaced by —x, —y and —z) 
it is gerade. An alternative method for determining the symmetry of the 
molecular orbital is to rotate the orbital about the line joining the two nuclei and 
then about a line perpendicular to this. If the sign of the lobes remains the same, 
the orbital is gerade, and if the sign changes the orbital is ungerade. 

The energy of the bonding molecular orbital y(g) passes through a minimum 
(Fig. 2.34), and the distance between the atoms at this point corresponds to the 


Atomic Molecular Atomic 
orbitals orbitals orbitals 
V (ч) 


Energy 


atom (2) 


atom (1) 
1s orbital 


1s orbital 
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Fig.2.35 Energy levels of s-s atomic and molecular orbitals. 
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internuclear distance between the atoms when they form-a bond. Consider the 
energy levels of the two 1s atomic orbitals, and of the bonding y(g) and anti- 
bonding v(u) orbitals (Fig. 2.35). 

The energy of the bonding molecular orbital is lower than that of the atomic 
orbital by an amount A, known as the stabilization energy. Similarly the energy 
of the antibonding molecular orbital is increased by A. Atomic orbitals may 
hold up to two electrons (provided that they have opposite spins) and the same 
applies to molecular orbitals. In the case of two hydrogen atoms combining, 
there are two electrons to be considered: one from the 1s orbital of atom 1 
and one from the 15 orbital of atom 2. When combined, these two electrons 
both occupy the bonding molecular orbital y(g). this results in a saving of 
energy of 2A, which corresponds to the bond energy. It is only because the 
system is stabilized in this way that a bond is formed. 

Consider the hypothetical case of two He atoms combining. The 1s orbitals 
on each He contain two electrons, making a total of four electrons to put into 
molecular orbitals. Two of the electrons occupy the bonding MO, and two 
occupy the antibonding MO. The stabilization energy 2A derived from filling 
the bonding MO is offset by the 2A destabilization energy from using the 
antibonding MO. Since overall there is no saving of energy He, does not exist, 
and this situation corresponds to non-bonding. 

Some further symbols are necessary to describe the way in which the atomic 
orbitals overlap. Overlap of orbitals along the axis joining the nuclei produces с 
molecular orbitals, whilst lateral overlap of atomic orbitals forms z molecular 
orbitals. 


s-p Combinations of Orbitals 


An s orbital may combine with a p orbital provided that the lobes of the p 
orbital are pointing along the axis joining the nuclei. This results in a bonding 
MO when the adjacent lobes have the same sign (with an increased electron 
density between the nuclei) and an antibonding MO when the adjacent lobes 


E v rq sign giving a reduced electron density in between the nuclei 
ig. 2.36). 


Atomic orbitals Molecular orbitals 
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Fig.2.36 5-р combination of atomic orbitals. 
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р-р Combinations of Orbitals 

Consider first the combination of two p orbitals which both have lobes point- 
ing along the axis joinging the nuclei. Both a bonding MO and an antibonding 
MO are produced (Fig. 2.37). 


Atomic orbitals Molecular orbitals 
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Fig. 2.37 р-р combinations of atomic orbitals. 


Next consider the combination of two p orbitals which both have lobes per- 
pendicular to the axis joining the nuclei. Lateral overlap of orbitals will occur, 
resulting in л bonding and л* antibonding MOs being produced (Fig. 2.38). 


Atomic orbitals Molecular orbitals 


(+) (+) ас х overlap 


С bonding orbital 


© © C E) л" overlap 
(-) (+) Bet (n 9 antibonding orbital 
Py 


Py ¥(9) 
Fig. 2.38 p-p combinations giving pi bonding. 
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There are three points of difference between these л molecular orbitals and 
the o orbitals described previously: 


(i) For z overlap the lobes of the atomic orbitals are perpendicular to the 
line joining the nuclei. Whilst for c overlap the lobes point along the 
internuclear line. 

(i) For л molecular orbitals, y is zero along the internuclear line and conse- 
quently the electron density v? is also zero. This is in contrast to ø 
orbitals. 

(iii) The symmetry of л molecular orbitals is different from that shown by o 
orbitals. If the bonding z MO is rotated about the internuclear line a 
change in the sign of the lobe occurs. The л bonding orbital is therefore 
ungerade, whereas all с bonding MOs are gerade. Conversely the anti- 
bonding z MO is gerade whilst all ø antibonding MOs are ungerade. 


Pi bonding is important in many organic compounds such as ethylene (where 

there is one с bond and one л bond between the two carbon atoms), acetylene 

(one о and two л), benzene, and also in a number of inorganic compounds such 
| as CO, and CN-. s 


' p-d Combinations of Orbitals 


A p orbital on one atom may overlap with a d orbital on another atom as 
shown, giving bonding and antibonding combinations. Since the orbitals do not 
| Point along the internuclear line overlap must be of the л type (Fig. 2.39). 
I 


| 
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Py 


¥(g) 
Fig. 2.39 p-d combinations of atomic orbitals. 
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Bonding involving this kind of overlap occurs with the transition elements, and 
is also important in other compounds such as oxides and oxyacids of 
phosphorus and sulphur. 


d-d Combinations of Orbitals 


It is possible to combine two d atomic orbitals producing bonding and anti- 
bonding molecular orbitals which are called б and ó* respectively. On rotating 
these about the internuclear axis the sign of the lobes changes four times com- 
pared with two changes with л overlap and no change for c overlap. 


Non-Bonding Combinations of Orbitals 


All the cases of overlap of atomic orbitals considered so far have resulted in 
a bonding MO of lower energy, and an antibonding MO of higher energy. To 
obtain a bonding MO with a concentration of electron density in between the 
nuclei, the signs (symmetry) of the lobes which overlap must be the same. 
Similarly for antibonding MO’s the signs of the overlapping lobes must be dif- 
ferent. In the combinations shown in Fig. 2.40 any stabilization which occurs 
from overlapping + with + is destabilized by an equal amount of overlap of + 
with —. There is no overall change in energy, and this situation is termed non- 
bonding. It should be noted that in all of these non-bonding cases the symmetry 
of the two atomic orbitals is different, i.e. rotation about the axis changes the 
sign of one. 


Гуан (+) 
Kay ex 
Px 
Py 


Py 


Fig. 2.40 Some non-bonding combinations of orbitals. 
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Rules for Linear Combination of Atomic Orbitals 


In deciding which atomic orbitals may be combined to form molecular or- 
bitals, three rules must be considered: 


1. The atomic orbitals must be roughly the same energy. This is important 

when considering overlap between two different types of atoms. 

2. The orbitals must overlap one another as much as possible. This implies 
that the atoms must be close enough for effective overlap and that the 
radial distribution functions of the two atoms must be similar at this dis- 
tance. 

. In order to produce bonding and antibonding MOs, either the symmetry 
of the two atomic orbitals must remain unchanged when. rotated about 
the internuclear line, or both atomic orbitals must change symmetry in an 
identical manner. 


чш 


Each molecular orbital has a definite energy, and is defined by four quantum 
numbers. The principal quantum number п and the subsidiary quantum num- 
ber / are retained from atomic orbitals and have the same significance. The 
magnetic quantum number of atomic orbitals is replaced by a new quantum 
number 4. In a diatomic molecule, the line joining the nuclei is taken as a 
reference direction and 4 represents the quantization of angular momentum in 
h/2x units with respect to this axis. А takes the same values as т takes for 
atoms, i.e. 

A=-l,...,—3, —2, 1,0, 1,2,3, ...,1 


When A = 0, the orbitals are symmetrical around the axis and are called c or- 
bitals. When A = +1 there are л orbitals and when А = +2 there are д orbitals. 
The spin quantum number which may have values of +} is the same as for 
atomic orbitals. The Pauli exclusion principle is applied to molecular orbitals; 
no two electrons in the same molecule can have all four quantum numbers the 
same. 

The order of energy of molecular orbitals has been determined mainly from 
spectroscopic data. In simple homonuclear diatomic molecules, the order is: 


als, o* 1s, 025, o*2s, 02px, am (кж, 0*2рх 


—————————>» increasing energy 

Note that the 2p, atomic orbital gives л bonding and л* anti-bonding MOs of 
the Same energy as those produced from the 2p, orbitals. The z2p, and z2p, 
orbitals are said to be double degenerate, and similarly л*2р and z* 2p, are 
doubly degenerate. A similar arrangement of MOs exists from 035 to o*3p,, 
but the energies are known with less certainty. 

The energies of the o2p and л2р MOs are very close together, and the order 
shown is correct for nitrogen and heavier elements, but for boron and carbon 
the order is reversed and 72p, and z2p, are probably lower than o2p,. 
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Examples of Molecular Orbital Treatment 


The Aufbau or build-up principle is used to derive the electronic structure of 
some simple diatomic molecules. In the build-up of atoms, electrons are fed into 
atomic orbitals (these of lowest energy being filled first), and each orbital may 
hold up to two electrons. In a similar way the total number of electrons from 
the two atoms which make the molecule are fed into molecular orbitals. The 
MOs of lowest energy are filled first, each MO may hold two electrons of op- 
posite spins, and where several orbitals have the same energy (that is they are 
degenerate), Hund’s rule applies and electrons are not paired unless necessary. 


H,* molecule ion. This may be considered as a combination of a H atom 
and a H* ion, giving one electron to be accommodated in a MO: 
cls! 


The electron occupies the gls bonding MO, so there is some stabilization, and 
this species can be detected spectroscopically when hydrogen under reduced 
pressure is subjected to an electric discharge. 


H, molecule. There are two electrons in the molecule, arranged: 


cis? 


The bonding c1s orbital is full, stabilization energy is 2A, a ø bond is formed, 
and the molecule exists and is well known. 


He,* molecule ion. If this is considered as a He atom and a He* ion there are 
three electrons, which are arranged 
als’, o* 1s! 


The filled 015 bonding orbital gives 2A stabilization whilst the half-filled ols* 
gives one lot of destabilization, A. Overall there is some stabilization, so the 
helium molecule ion should exist, and it has been observed spectroscopically. 


He, molecule. There are four electrons arranged: 


ols?, o* 1s? 
The stabilization and destabilization energies cancel each other, so there is no 
bond formation, and the molecule does not exist. 


_ Li, molecule. Each Li atom has two electrons in its inner shell, and one in 
its outer shell, making a total of six electrons, arranged: 


ols*, o* 1s?, 025? 
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The inner shell of filled с15 and o*1s MOs do not contribute to the bonding in 
much the same way as in He,. They are essentially the same as the atomic or- 
bitals from which they were formed, and are sometimes written 


KK, o2s? 
However, bonding occurs from the filling of the 025 level, and though lithium is 


a metal, Li, molecules do exist in the vapour state. Other Group I metals such 
as sodium behave in an analogous way: 


Na, KK, LL, o3s? 


Be, molecule. A Be atom has 2 + 2 electrons, so there are eight electrons to 
be considered in the molecule: 


als*, o* 1s?, 0252, g*25? 
or 
KK, 025°, 62s? 


Ignoring the inner shell as before, it is apparent that the effects of the bonding 
2s and antibonding 2s levels cancel, so there is no stabilization and the 
molecule would not be expected to exist. 


B, molecule. Each B atom has 2 + 3 electrons, making ten electrons in the 
molecule 


72p,' 


с15?, o* 1s, о25?, o*2s?, | 
72p,' 


Note that the л2р orbitals are lower in energy than the o2p,. Since the л2ру 
and 72p, orbitals are degenerate, Hund’s rule applies, and each is singly oc- 
cupied. The inner shell does not participate in bonding. The effects of bonding 
and antibonding 025 orbitals cancel but stabilization occurs from the filling of 
the л2р orbitals, hence a bond is formed and B, exists. 


С, molecule. A carbon atom has 2 + 4 electrons, giving twelve electrons in 
the molecule 


л?р? 
л?р? 


The molecule should be stable, since the z2p bonding orbitals provide four lots 
of stabilization energy, giving two bonds. The fact that carbon exists as a 
macromolecule in graphite and diamond illustrates the point that an even 
more stable arrangement is formed in preference, where each carbon forms 
four bonds. 


als”, o*15?, 0252, о*252, { 
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N, molecule. In the N, molecule there are fourteen electrons, arranged 


л2р,? 


ols’, o* 1s?, a2s?, o*2s?, o2p,?, ү 


Assuming that the inner shell does not participate in bonding, and that the 
bonding and antibonding 2s levels cancel, one sigma and two pi bonding pairs 
remain, giving a total of three bonds. This is in agreement with the valence 
bond formulation as N=N. The arrangement of electrons is often shown as an 
energy pattern (Fig. 2.41). 


О, molecule. Each oxygen has 2 + 6 electrons, making a total of sixteen 
for the molecule. These are arranged 


2p, | x*2p,' 

2 2 2 4*2? 2 y y 

ols’, o*1s?, 025°, 0 23 зрә, (UP, тр, 
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\ т 2py 4 
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| 
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|a 
^ c*1s M 
1s 1s 


Еів. 2.41 Energy pattern for homonuclear diatomic molecules. 
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The antibonding z*2p, and z*2p, orbitals are singly occupied in accordance 
with Hund’s rule. Unpaired electrons give rise to paramagnetism. Since there 
are two unpaired electrons with parallel spins, this explains why oxygen is 
paramagnetic. This was the first success of the MO theory in successfully pre- 
dicting the paramagnetism of O,, a fact not even thought of with a valence 
bond representation of O=O. 

As in the previous examples, the inner shell does not participate in bonding 
and the bonding and antibonding 2s orbitals cancel each other. A sigma bond 
results from the filling of o2p,?. Since 1*2p,' is half filled and therefore cancels 
half the effect of z2p,?, half a pi bond results. Similarly another half a pi bond 
arises from л2р, and л*2р,, giving a total of 10 + іл + іл = 2. The bond order 
is said to be two, and it may be calculated in the above manner, or by calculat- 
ing the number of electrons occupying bonding orbitals minus the number of 
electrons in antibonding orbitals, all divided by two. 


О, ion. The compound potassium superoxide KO, contains the superoxide 
ion O7, which has seventeen electrons. The structure of this ion is related to 
that of the О, molecule. The ion has one extra electron which Occupies either 
1*2p, or z*2p,. 


2 2 0052 gt з | л2ру? | л®*2р,? 

о152, o* 1s”, 025°, o*2s?, a2p,?, mpa e, 

The inner shell does not take part in bonding, bonding and antibonding 2s can- 

cel, bonding and antibonding 2p, cancel, bonding and antibonding 2p, half 

cancel, and 2p, is bonding thus giving a bond order of 1o + łn = 14. The ion 
has an unpaired electron and is paramagnetic. 


O;- ion. In a similar way sodium peroxide Ма,О, contains the О,2- ion, 
which has eighteen electrons, arranged 


2 л*2, 2 

1 2 0*1 2. 252, ж. М 2 z2p, Py 

als 5°, 025°, o*2s*, o2p,?, zie 125, 

The bonding and antibonding z orbitals completely cancel each other, leaving 
one sigma bond from the filled 902p, orbital, and a bond order of one. 


F, molecule. Fluorine atoms have 2 + 7 electrons, making eighteen in the 
molecule. These are arranged 


ols, о*15?, 025?, o*2s?, д2р 2, vm | пру 

"p?" (л*2р2 

The inner shell is non-bonding, and the filled bonding 2s, 2p, and 2p, are can- - 

celled by the equivalent antibonding orbitals. This leaves a sigma bond from 
o2p,?, and a bond order of one. 


S 


It should be noted that Cl, and Br, have structures analogous to F,, except 
that the inner two shells or inner three shells of electrons are full. 

The Е-Е bond is rather weak (see Chapter 5, Group VII) and this is attributed 
to the small size of fluorine and repulsion between lone pairs of electrons on 
adjacent atoms. 


Examples of Molecular Orbital Treatment for Heteronuclear Diatomic 
Molecules 


The same principles apply when combining AOs from two different atoms as 
applied when the atoms were identical; that is only atomic orbitals of about the 
same energy can combine effectively, they should have the maximum overlap, 
and they must have the same symmetry. Consider first some examples where 
the two different atoms are close to each other in the periodic table, and conse- 
quently their AOs are of similar energy. 


NO molecule. The nitrogen atom has 2 + 5 electrons, and the oxygen atom 
has 2 + 6 electrons, making fifteen electrons in the molecule. The order of 
energy levels of the various MOs are the same as for homonuclear diatomic 
molecules, so the arrangement is 


л2ру? | т?ру! 
mp," | 2p, 

The inner shell is non-bonding, the bonding and antibonding 2s orbitals cancel, 
the half-filled n*2p, half cancels the filled л2р,, leaving a о bond from 2p,, a 7 
bond from z2p, and half a л bond from 2p,. The bond order is thus 24, and the 
molecule is paramagnetic since it contains an unpaired electron. In NO there is 
a significant difference of about 250 kJ mol-! in the energy of the AOs in- 
volved, so that combination of AOs to give MOs is less effective than in O or 
N,. The bonds are therefore weaker than might be expected, Apart from this 
the molecular orbital pattern (Fig. 2.42) is similar to that for homonuclear 
diatomic molecules. Removal of one electron to make NO* results in a shorter 
eng stronger bond because the electron is removed from an antibonding 
orbital, 


als’, o* 1s?, 0257, o*2s, a2p,?, | 


CO molecule. The С atom has 2 + 4 electrons, and the О atom has 2 + 6 
electrons, making fourteen electrons, presumably arranged 


2 
ols, o* 1s, 0257, o*2s?, 02р,2, bo 
The inner shell is non-bonding, the bonding and antibonding 2s orbitals cancel, 


leaving one е and two л bonds—a bond order of 3. This simple picture is not 
adequate, since if CO is ionized to give CO* by removal of one electron, it 
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Fig. 2.42 Energy pattern for NO. 


would be expected that the bond order would be reduced (and the bond length 
increased) since it apparently involves the removal of a bonding z electron. In 
fact the bond lengths in CO and СО* are 1-128 A and 1-115 A. The decrease 
in bond length indicates that the electron removed must come from an anti- 
bonding orbital. This indicates that in this heteronuclear case the order of MO 
energy levels differs from that for simple homonuclear diatomic molecules. 
(For further details see ref. 30.) 


НСІ molecule. With heteronuclear atoms it is not obvious which А Оз should 
be combined by the LCAO method to form MOs. An additional factor is that 
since the energy levels of the AOs on the two atoms are not identical. some 
MOs will contain a bigger contribution from one constituent AO than the 
other. This is equivalent to saying that the MO ‘bulges’ more towards one 
atom, or the electrons in the MO spend more time round one atom than the 
other. Thus some degree of charge separation ô+ and d— occurs, resulting in à 
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dipole. Thus partial ionic contributions may play a significant part in the bond- 
ing. 

Consider the HCl molecule. Combination between the hydrogen 1s AO and 
the chlorine 1s, 2s, 2p and 3s orbitals can be ruled out because their energy is 
too low. If overlap occurred between the chlorine 3p, and 3p, orbitals it would 
be non-bonding (see Fig. 2.40) because the positive lobe of hydrogen will over- 
lap equally with the positive and negative lobes of the chlorine orbitals. Thus 
the only effective overlap is with the chlorine-3p, orbital. The combination of 
H 15! and Cl 3р,! gives both bonding and antibonding orbitals, and the two 
electrons occupy the bonding MO leaving the antibonding MO empty. It is 
assumed that all the chlorine AOs except 3p, are localized on the chlorine atom 
and retain their original AO status, and the 3s, 3p, and 3p, orbitals are regar- 
ded as non-bonding lone pairs. ° 

This oversimplification ignores any ionic contribution such as can be shown 
with the valence bond resonance structures 

H*Cl- and H-CI* 
The former would be expected to contribute significantly, resulting in a strong- 
er bond. 


United Atom Method 


The LCAO method described above is tantamount to bringing the atoms 
from infinity to their equilibrium positions in the molecule. The united atom 
method is an alternative approach. It starts with a hypothetical *united atom" 
where the nuclei are superimposed, and then moved to their equilibrium dis- 
tance apart. The united atom has the same number of orbitals as a normal 
atom, but it contains the electrons from two atoms. Thus some electrons must 
be promoted to higher energy levels in the united atom. Further, the energy of 
the united atom orbitals differs from that of the atomic orbitals because of the 
greater nuclear charge. Thus the molecular orbitals are in an intermediate 
position between the orbitals in the united atom and those in the separate atom. 
If lines are drawn between the energies of the electrons in the separate atoms 
and in the united atom (that is a graph of internal energy against the distance 
between the nuclei from г =0 to г = оо), a correlation diagram is obtained 
(Fig. 2.43). 


General Properties of Metals 
The physical properties which characterize metals are: 


. They have high electrical and thermal conductivity. 

- They have a bright lustrous appearance. 

- They are malleable and ductile. 

. Their crystal structures are either cubic close-packed, hexagonal close- 
packed, or body-centred cubic. 


ьо мы – 
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Fig. 2.43 Mulliken correlation diagram for like atoms forming a diatomic molecule. 


Conductivity | 


Most metals are very good conductors of heat and electricity. Electrical con- { 
duction arises by the movement of electrons, unlike the mechanism of conduc- 
tion in aqueous solutions or fused melts of ionic compounds like sodium 


TABLE 2.6 Electrical Conductivity of Various Solids 
Ee АДУ ызан T Dorem 


Substance Type of bonding Conductivity | 

(ohm стт!) 

Silver Metallic 6-3 x 105 

Copper Metallic 6-0 x 10° 

Sodium Metallic 2:4 x 105 

Zinc Metallic 1-7 x 105 

Sodium chloride Ionic 1077 

Diamond Covalent giant molecule и 

Quartz Covalent giant molecule 1074 
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chloride, where sodium ions migrate to the cathode, and chloride ions migrate 
to the anode. Ionic compounds may conduct to a small extent in the solid state 
if defects are present in the crystal. There is an enormous difference in electrical 
conductivity between metals and any other type of solid (Table 2.6). 

Virtually all the elements to the left of carbon in the periodic table are 
metals. In its excited state, carbon has the outer 2s and 2p orbitals half filled 
with electrons. 

2s 2p 
Carbon atom excited 
state O Er 


Elements to the left of carbon have fewer electrons, and consequently must 
have vacant orbitals. The presence of vacant orbitals in the valence shell, and 
the number of electrons present in the outer shell, are both important features 
in explaining the conductivity and bonding of metals. 

The conductivity of metals decreases with increasing temperature. Metals 
show some degree of paramagnetism; that is they possess unpaired electrons. 


Lustre 


Metals typically have a lustrous shiny appearance. All metals except copper 
and gold are silvery in colour. The electrons in the metal can absorb energy 
from light and then re-emit it when the electron drops back from its excited 
State to its original energy level. Since light of all wavelengths (colours) is ab- 
sorbed, and is immediately re-emitted, virtually all the light is reflected 
back—hence the lustre. The reddish and golden colours of copper and gold 
occur because they absorb some colours more readily than others. 

Many metals emit electrons when exposed to light—the photoelectric effect. 
Some emit electrons when irradiated with short wave radiation, and others emit 
electrons on heating (thermionic emission). 


Malleability and Cohesive Force 


The mechanical properties of metals are that they are typically: malleable 
and ductile. This shows that there is not much resistance to deformation of the 
Structure, but that there is a large cohesive force holding the structure together. 


AH 
MIS 


M, 


crystal 


The cohesive force may be measured as the heat of atomization. Some 
numerical values of AH? the heats of atomization at 298 °K are given in Table 
2.7. The heats of atomization (cohesive energy) decrease on descending a 
group in the periodic table Li-Na-K-Rb-Cs, showing that they are inversely 
Proportional to the internuclear distance. 
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TABLE 2.7 Heats of Atomization ЛН? (kJ mol-!) 
(ee Se Se 


Metal AH? Melting point (°С) Boiling point (°С) 
Li 161 181 1331 
Na 108 98 890 
K 90 64 766 
Rb 82 39 701 
Cs 78 29 685 
Be 326 1277 2477 
Mg 149 650 1120 
Ca 177 838 1492 
Sr 164 768 1370 
Ba 178 714 1638 
B 565 2030 3927 
Al 324 660 2447 
Ga 272 30 2237 
Sc 326 1539 2480 
Ti 473 1668 3280 
у 515 1900 3380 
Сг 397 1875 2642 
Мп 281 1245 2041 
Ее 416 1537 2887 
Со 425 1495 2887 
Ni 430 1453 2837 
Cu 339 1083 2582 
Zn 126 420 908 


The cohesion energies of Group Ш metals are higher than those of Group III, 
which in turn are larger than those of Group I, suggesting that the strength of 
metallic bonding is related to the number of valency electrons. The cohesion 
energy increases at first on crossing the transition series from Sc-Ti-V as the 
number of unpaired d electrons increases, and falls to a minimum at Zn as the 
d electrons become paired. There is an unexplained dip at Mn, but it would 
seem that the cohesive force is related to the number of unpaired electrons. 

The melting points and to an even greater extent the boiling points of the 
metals follow the trends in the cohesive energies quite closely. Though the 
cohesive energies vary over quite a range, they approach the magnitude of the 
lattice energy which holds ionic crystals together, and are very much larger 
than the weak van der Waals forces which hold discrete covalent molecules 
together in the solid state. 

If the valence electrons in a metal are spread over a large number of bonds, 
each bond should be weaker and hence longer. The alkali metals exist as 
diatomic molecules in the vapour state, and the interatomic distances in the 
metal crystal are longer than in the diatomic molecule (Table 2.8). Though the 
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TABLE 2.8 Interatomic Distances in М, Mole- 


cules and Metal Crystals 
Distance in Distance in 
metal M, molecule 
A 

Li 3.04 2-67 
Na 3-72 3-08 
K 4.62 3.92 
Rb 4-86 4-22 
Cs 5-24 4-50 


bonds in the metal are longer and weaker, there are many тоге of them than in 
the M, molecule, so the total bonding energy is greater in the metal crystal. 
This can be seen by comparing the heat of sublimation of the metal crystal with 
the heat of dissociation of the M, molecules (Table 2.9). 


TABLE 2.9 Comparison of Heats of Sublimation and Dissociation 


Heat of sublimation of metal { heat of dissociation M, molecule 


kJ mol-! kJ mol"! 
Li 161 54 
Na 108 38 
K 90 26 
Rb 82 24 
Cs 78 21 


Crystal Structures of Metals 


Metallic elements usually have a close-packed structure with a coordination 
number of twelve. There are two types of close packing depending on the 
arrangement of adjacent layers in the structure: cubic close packing ABC ABC 
and hexagonal close packing ABAB (see metallic structures earlier in Chapter 
2). However, some metals have a body-centred cubic type of structure (which 
fills the space slightly less efficiently) where there are eight nearest neighbours, 
with another six next nearest neighbours slightly (15%) further away. If this 
small difference in distance between nearest and next nearest neighbours is dis- 
regarded, the coordination number for a body-centred cubic structure may be 
tegarded loosely as fourteen. The mechanical properties of malleability and 
ductility depend on the ease with which adjacent planes of atoms can glide 
Over each other, but they are also affected by physical imperfections such as 
grain boundaries and dislocations, by point defects in the crystal lattice, and by 
the presence of traces of impurity in the lattice. The possibility of planes gliding 
is greatest in cubic close-packed structures, so these are generally softer and 
more easily deformed than hexagonal or body-centred cubic structures. 
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The type of packing varies with the position of the element in the periodic 
table (Table 2.10). 

Metallic elements commonly react with other metallic elements—often over 
a wide range of composition, forming a variety of alloys which look like metals, 
and have the properties of metals. 


TABLE 2.10 Variation in the Type of Structure Adopted by Metals in the Periodic 
Table 


09 represents body-centred cubic 


О represents hexagonal close-packed 


[_] represents cubic close-packed 


* Manganese exists in three polymorphic forms, а, 8 and у, all of which have complex struc- 
tures—possibly containing atoms in different states of. ionization. 

* Tungsten and uranium have a complex structure in addition to the one shown. 

* Zinc and cadmium have a distorted hexagonal close-packed structure. 


Theories of Bonding in Metals. . 


Any successful theory of metallic bonding should explain the bonding of a 
large number of identical atoms in a pure metal, and the bonding between 
widely different metal atoms in alloys. The theory cannot involve directional 
bonds, since most metallic properties remain, even when the metal is in the 
liquid state (for example mercury) or when dissolved in a suitable solvent 
(for example solutions of sodium in liquid ammonia). Further, the theory 
should explain the very great mobility of electrons. 


Free Electron Theory 


As early as 1900, Drude regarded metals as a lattice with electrons moving 
through it in much the same way as molecules of a gas are free to move. The 
idea was refined by Lorentz in 1923, who suggested that metals comprised 4 
lattice of rigid spheres (positive ions), enbedded in a gas of free valency 
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electrons which could move in the interstices. This model explains the free 
movement of electrons, and cohesion results from electrostatic attraction be- 
tween the positive ions and the electron cloud. Whilst it does explain in a rough 
qualitative way why an increased number of valency electrons results in an 
increased cohesive energy, quantitative calculations are much less successful 
than similar calculations for the lattice energy of ionic compounds. 


Valence Bond Theory 


Consider a simple metal such as lithium, which has a body-centred cubic 
structure, with eight nearest neighbours, and six next nearest neighbours 
slightly further off. A lithium atom has one electron in its outer shell, which 
may be shared with one of its neighbours, forming a normal two-electron bond. 


Li Li-Li Li Li-Li Li-Li 
Li Li-Li Li Li-Li Li-Li 
(a) (b) 


Li-Li- hi Li 
Li*Li Li E 
(c) 


Fig. 2.44 Some resonance structures of lithium. 


The atom could equally well be bonded to any other of its eight or fourteen 
neighbours, so this arrangement is just one of a number of extreme canonical 
forms (Fig. 2.44a and b). A lithium atom may form two bonds provided it ion- 
izes, thus giving rise to a number of resonance structures like Fig. 2.44c. The 
true structure is actually a resonance hybrid, that is a mixture of all the many 
possible bonding forms. Since there are a very large number of resonance 
Structures, the resonance energy will be large, hence the cohesive force is large. 
In metallic lithium, the cohesive energy is three times greater than the dis- 
sociation energy for Li,. The increase in cohesive energy from Group I-II-III 
is because the atoms can form an increased number of bonds in the resonance 
Structures. The presence of ions could explain the electrical conduction. 

The theory does not explain metallic character in the liquid state, or in 
solution. 


Molecular Orbital or Band Theory 
The electronic structure of a lithium atom is 


15 2s 2p 
Hu t ПП 
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The Li, molecule exists in the vapour state, and bonding occurs using the 25 
atomic orbital. There are three empty 2p orbitals in the valence shell, and the 
presence of empty AOs is a prerequisite for metallic properties. (Carbon in its 
excited state, nitrogen, oxygen, fluorine and neon all lack empty AOs in the 
valence shell and are all nonmetals.) 

The fact that the valence shell has more AOs than electrons means that even 
if the electrons are all used to form normal two-electron bonds, the atom can- 
not attain an inert gas structure. Compounds of this type are termed ‘electron 
deficient’. 

Empty AOs may be utilized to form additional bonds in two different ways: 

(i) Empty AOs may accept lone pairs of electrons from other atoms or 
ligands, forming coordinate bonds. 

(ii) Cluster compounds may be formed, where each atom shares its few 
electrons with several of its neighbours, and obtains a share in their 
electrons. Clustering occurs in a number of boron hydrides and car- _ 
boranes, and is a major feature of metals. > 


The MO description of an Li, molecule has been discussed earlier in the 
examples of MO treatment. There are six electrons arranged in molecular 
orbitals 


als’, o*1s?, 2s? 


Bonding occurs because the 025 bonding MO is full and the corresponding 
antibonding orbital is empty. Ignoring any inner electrons, the 2s AOs on each 
of the two Li atoms combine to give two MOs—one bonding and one anti- 
bonding. The valency electrons occupy the bonding MO (Fig. 2.45a). 

Suppose three Li atoms joined to form Li,. Three 25 AOs would combine to | 
form three MOs—one bonding, one non-bonding and one antibonding. The 
energy of the non-bonding MO is in between that for the bonding and anti- 
bonding orbitals. The three valency electrons from the three atoms would 
occupy the bonding MO (2 electrons) and the non-bonding MO (1 electron) 
(Fig. 2.45b). 

In Li,, the four AOs would form four MOs—two bonding, and two anti- 
bonding. The presence of two non-bonding MOs between the bonding and anti- 
bonding orbitals reduces the energy gap between the orbitals. The four valency 
electrons would occupy the two lowest energy MOs which are both bonding 
orbitals, as shown in Fig. 2.45c. 

As the number of atoms in the cluster increases, the spacing between the 
energy levels of the various orbitals decreases further, and with a large number 
of atoms the energy levels of the orbitals are so close together that they 
virtually form a contmuum (Fig. 2.45d). 

The number of molecular orbitals must by definition be equal to the number | 

of constituent atomic orbitals. Since there is only one valence electron per atom 
in lithium, and a MO can hold two electrons, it follows that only half the MOS 
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Man s 
1 atoms half filled) 


Fig. 2.45 Development of molecular orbitals into bands in metals. 


in the 2s valence band are filled—i.e. the bonding MOs. It requires only a 
minute amount of energy to perturb an electron to an unoccupied MO. The 
MOs extend in three dimensions over all the atoms in the crystal, so electrons 
have a high degree of mobility. This explains the high thermal and electrical 
conduction of metals. 
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If one end of a piece of metal is heated, electrons at that end gain energy and 
move to an unoccupied MO where they can travel rapidly to any other part of 
the metal, which in turn becomes hot. In an analogous manner, electrical con- 
duction takes place through a minor perturbation in energy promoting an | 
electron to an unfilled level, where it can move readily. In the absence of an 
electric field, equal numbers of electrons will move in all directions. If a positive. 
electrode is placed at one end, and a negative electrode at the other, then 
electrons will move towards the anode much more readily than in the opposite 
direction; hence electric current flows. : 


Atomic Molecular 
orbitals orbitals 


Atomic Molecular 
orbitals orbitals 


Empty 


2p band levels 


Occupied 
levels 


(a) Metallic molecular or- (b) Metallic molecular or- 
bitals for lithium, showing bitals for beryllium, showing 
half-filled band. overlapping bands. 

Fig. 2.46 


Conduction occurs because the MOs extend over the whole crystal, and 
because there is effectively no energy gap between the filled and unfilled MOs. - 
The absence of an energy gap in lithium is because only half the MOs in the 
valence band are filled with electrons (Fig. 2.46a). 

In beryllium there are two valence electrons, so the valence electrons would 
just fill the 2s valence band of MOs. In an isolated beryllium atom, the 2s and 
2p atomic orbitals are some 160 kJ mol- different in energy. However, in the 
same way as the 2s AOs form a band of MOs, the 2p AOs form a 2p band of 
MOs. The upper part of the 2s band overlaps with the lower part of the 2p 
band (Fig. 2.46b). Because of this overlap of the bands some of the 2p band is 
occupied and some of the 2s band in empty. It is thus possible to perturb 
electrons to an unoccupied level in the conduction band, where they can move 

throughout the crystal. Beryllium therefore behaves as a metal. It is only 
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because the bands overlap that there is no energy gap, so perturbation from the 
filled valence band to the empty conduction band can occur. 


Conductors, Insulators and Semiconductors 


In electrical conductors (metals), either the valence band is only partly full, 
or the valence and conduction bands overlap. There is therefore no significant 
gap between filled and unfilled MOs, and perturbation can occur readily. In in- 
sulators (nonmetals), the valence band is full, so perturbation within the band is 
impossible, and there is an appreciable energy gap between the valence band 
and the next empty band. Electrons cannot therefore be promoted to an empty 
level where they could move freely. Semiconductors are basically insulators, 
where the energy gap between adjacent bands is sufficiently small for thermal 
energy to be able to promote a small number of electrons from the full valence 
band to the empty conduction band. Both the promoted electron in the conduc- 
tion band and the unpaired electron left in the valence band can conduct elec- 
tricity. The conductivity of semiconductors increases with temperature as the 
probability of promoting an electron rises. Semiconductors are also produced 
if a suitable impurity is added to an insulator, and the band from the impurity 
bridges the energy gap in the insulator. (See defects and ва орос earlier 
in Chapter 2.) 


Alloys 


If two metals are mixed (and possibly heated) together, or when a metal is 
mixed with a nonmetallic element, then one of the following will occur: 

(a) an ionic compound may be formed, 

(b) an interstitial alloy may be formed, 

(c) a substitutional alloy may be formed, or 

(d) a simple mixture may result. 
Which of these actually occurs depends on the chemical nature of the two ele- 
ments concerned, and on the relative sizes of the metal atoms and added 
atoms. 

Consider first the chemical nature of the two elements. If an element of high 
electronegativity is added to a metal of low electronegativity, the product will 
be ionic, not metallic. 


Interstitial Alloys and Related Compounds 


Next consider the relative sizes of the atoms. If the metal is regarded as a lat- 
tice of spherical atoms or ions, probably close-packed, there will be a consider- 
able number of tetrahedral and octahedral holes. If a very small element is 
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added, it may slip into these holes without altering the structure of the metal. 
Hydrogen is small enough to occupy tetrahedral holes, but most other elements 
will occupy the larger octahedral holes. 

The invading atoms thus occupy interstitial positions in the metal lattice, and 
the chemical composition may vary over a wide range depending on how many 
holes are occupied. Such alloys are called interstitial solid solutions, and can 
occur with hydrogen, boron, carbon and nitrogen in a wide range of metals. 
The main criterion is that the radius ratio of the smaller atom/larger atom 
should be in the range 0-414—0-732. Whilst the invasion of interstitial sites 
does not significantly alter the metal structure, it has a considerable effect on 
the hardness, malleability and ductility of the metal since the ease with which 
one layer may slip over another layer is affected. 

Interstitial borides, carbides and nitrides are extremely inert chemically, have 
very high melting points, and are extremely hard. Interstitial carbides of iron 
are of great importance in the various forms of steel. 


Substitutional Alloys 


If two metals are completely miscible with each other they can form a con- 
tinuous range of solid solutions: for example copper and nickel, or copper and 
gold. In cases like this, one atom may replace another at random in the lattice. 


o о о o о о о о 
о о о о lie? tile) 
o о о о охо о о 
о О [o] OOK ONE XO 
© [9] о о о о о о 
(a) риге metal lattice (b) interstitial alloy (X atoms occupy 
interstitial positions) 
Ф о LÀ e ° o e о 
о о о о ° o 
е о e о о LJ o ө 
о e е e [9] e 
° о о е e [9] e о 
(с) random substitutional alloy (d) superlattice (ordered substitutional alloy) 


Fig. 2.47 Metal and alloy structures. 
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In the Cu/Au case at temperatures above 450 °С a rather disordered structure 
exists, but on slow cooling the more ordered superlattice may be formed (Fig. 
2.47). Relatively few metals form this type of continuous solid solution, and 
Hume-Rothery has shown that for complete miscibility the following three 
rules should apply. 


1. The two metals must be similar in size—their metallic radii must not dif- 
fer by more than 15%. 

2. Both metals must have the same crystal structure. 

3. The chemical properties of the metals must be similar—in particular the 
number of valency electrons should be the same. 


TABLE 2.11 Metallic Radii of the Elements (for twelve coordination) 


Li 1-55A Na 1-90 K 235 Rb 2.48 Cs 267 
Be 1-12 Mg 1:60 Ca 1:97 Sr 2-15 Ba 2.22 
B 0-98 Al 1:43 Sc 1-62 Y 180 La 1-87 
С. 20:91 Si 1.32 Ti 1:47 Zr 1:60 Hf 1-59 
N 0-92 P 128 у 134 Nb 1-46 Та 1-46 
S 127 Сг 127. Mo 1-39 W 139 

Mn 1:26 Tc 1:36 Re 1.37 

Fe 1.26 Ru 1-34 Os 1.35 

Co 1-25 Rh 1.34 Ir 1:36 

Ni 124 Pd 1-37 Pt 1:39 

Cu 1-28 Ag 1-44 Au 1-44 

Zn 1-38 Cd 1-54 Hg 157 

Ga 1-41 In 1:66 TU АДЕТ} 

Ge 1-37 Sn 1-62 Pb 1.75 

As 1:39 © Sb 1-59 Bi 1-70 

Se 1-40 Te 1-60 Po 1-76 


In the previous example of Cu/Au, the metallic radii are 1-28 A and 1-44 A 
(differing by 12.5%), both have cubic close-packed structures, and both have 
similar properties since they are in the same vertical group in the periodic table. 
Consequently complete miscibility is predicted. 

If only one or two of these rules is satisfied then random substitutional solid 
solutions will only occur over a very limited range at the two extremes of com- 
position. In between these extremes a number of intermetallic phases exist, 
each of which behaves as a compound of the constituent metals, though the 
exact stoichiometry may vary over a limited range. For example, sodium and 
potassium only form limited solid solutions because their metallic radii of 
1-90 A and 2.35 А differ by 23.796 despite their structural and chemical 
similarities. For the copper-zinc system (where the metallic radii are 1-28 À 
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and 1-38 A-differing by only 7-296), five different structures may be dis- 
tinguished: 


Phase Composition Structure 
c 0—3596 Zn Random substitutional solid solution of Zn in Cu 
B 45-50% Zn Intermetallic compound of approximate stoichiometry 
, CuZn 

y 60—6596 Zn Intermetallic compound of approximate stoichiometry 
Cu,Zn, 

є 82-88% Zn Intermetallic compound of approximate stoichiometry 
CuZn, 

n 97-100% Zn Random substitutional solid solution of Cu in Zn 


The relation between the various phases may be seen from a phase diagram 
(Fig. 2.48). Hume-Rothery tried to systematize the compositions of the phases 
formed. Even though a phase exists over a range of composition, it can be 
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Fig. 2.48 Phase diagram for Cu/Zn alloy systems. (Copyright Bohm and Klemm, Z. 
Anorg. Chem., 243, 69, 1939.) 
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represented by a typical composition or ideal formula. He found that the 
various phases f, у and є always occurred when the ratio of the sum of the 
valency electrons to the number of atoms was 3:2, 21:13 and 7:4, irrespective 
of the particular metals involved (Table 2.12). 


TaBLE 2.12 Examples of Intermetallic Compounds with 
Various Ratios of Valency Electrons to Number of Atoms 


Ideal formula No. valency electrons 
No. atoms 


CuZn 

Cu,Al { 
Cu,Sn i 
AgZn B phases 
Cu,Si i 

Ag;Al $ 

Со7п, 1 

Cu,Zn, 
Cu,Al, 
Na,,Pb, 
Co,Zn;, 


CuZn, 
Cu,Si 
Ag. Al, = 
Au, Al, B= 
i 
* Metals of the Fe, Co and Ni groups must be assumed 
to have zero valency electrons. 


rakes taaratas tal Pal 


y phases 
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Problems 


1. Relate the tendency of atoms to gain or lose electrons to the types of bonds they 
form. 

2. Indicate to what extent the following will conduct electricity, and give the mechan- 
ism of conduction in each case: 
(a) NaCl (fused); 
(b) NaCl (aqueous solution); 
(c) NaCl (solid); 
(d) Cu (solid); 

. (e) CCl, (liquid). 

3. Why are ionic compounds usually high melting, whilst most simple covalent com- 
pounds have low melting points? Explain the high melting point of diamond. 


4. How are the minimum values of radius ratio arrived at for various coordination 
numbers, and what are these limits? Give examples of the types of crystal struc- 
ture associated with each coordination number. 


5. Name and draw the three common crystal structures adopted by metals. 


. Give the coordination numbers of the ions and describe the crystal structures of 


zine blende, wurtzite and sodium chloride in terms of close packing and the oc- 
cupancy of tetrahedral and octahedral holes. 


- Write down the Born-Landé equation and define the terms in it. Use the equation 


to show why some crystals, which according to the radius ratio concept should 
adopt a coordination number of eight, in fact have a coordination number of six. 


. List the types of defect that occur in the solid state and give an example of each. 


Explain in each case if any electrical conduction is possible and by what mechan- 
ism. 


- Show by drawings how an s orbital, a p orbital or a d orbital on one atom may 


overlap with s, p or d orbitals of an adjacent atom. 


. List three rules for the linear combination of atomic orbitals. 
- Name the three types of hybrid orbital that may be formed by an atom with only s 


and p orbitals in its valence shell. Draw the shapes and stereochemistry of the 
hybrid orbitals so produced. 


- What аге the geometric arrangements of sp? d?, sp? d and dsp? hybrid orbitals? 
. Predict the-structure of each of the following, and indicate whether the bond angles 


are likely to be distorted from the theoretical values: (a) ВеС1„; (b) ВСІ,; (c) SiCl,; 
(d) PCI, (vapour); (e) PF,; (f) F,O; (g) SF,; (h) IF,; (i) SO,; () SF,. 


. Use the MO theory to predict the bond order and the number of unpaired 


electrons in О,2-, O,~, O,,0,*+, NO and CO. 


. How and why does the cohesive force in metals change on descending a group, or 


on moving from one group to another? What physical properties follow these 
changes in cohesive force? 


i Explain conductors, insulators and semiconductors using the band theory. 
- Describe the structures of interstitial and substitional alloys and outline the factors 


determining which is formed. 
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СНАРТЕК 3 


GENERAL PROPERTIES OF THE ELEMENTS 


Size of Atoms and Ions 


The size of atoms decreases from left to right across a period in the periodic 
table. For example, on moving from lithium to beryllium, the number of 
charges on the nucleus is increased by one, so that all the orbital electrons are 
pulled in closer to the nucleus. In a given period, the alkali metal is the largest 
atom and the halogen the smallest. When a row of ten transition elements or 
fourteen inner transition elements occurs in a horizontal period, the contraction 
in size is even more marked. 

On descending a group in the periodic table such as lithium, sodium, 
potassium, rubidium, caesium, the size of the atoms increases due to the effect 
of extra shells of electrons being added; this outweighs the effect of increased 
nuclear charge. 

A positive ion is formed. by removing one or more electrons from an atom. 
Normally the whole of the outer shell of electrons is removed in this way, and 
since the remaining inner shells do not extend so far in space, the cation is 
much smaller than the metal atom. In addition, the ratio of positive charges on 
the nucleus to the number of orbital electrons is increased. Thus the effective 
nuclear charge is increased and the electrons are pulled in. A positive ion is 
therefore smaller than the corresponding atom and the more electrons removed 
(that is, the greater the charge on the ion), the smaller it becomes 


Atomic radius Na 1-57 A Atomic radius Fe 1-17 А 
Tonic radius Na* 0.98 Tonic radius Fe?* 0-76 
Ionic radius Fe?* 0-64 


When a negative ion is formed, one or more electrons are added to an atom, 
the effective nuclear charge is reduced and hence the electron cloud expands. 
Negative ions are bigger than the corresponding atom. 


Van der Waals non-bonded radius СІ 1-40 А 
Ionic radius СІ- 1-81 : 
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Ionization Energies 


If energy is supplied to an atom, electrons may be promoted to a higher 
energy level. If sufficient energy is supplied the electron may be completely 
removed, giving a positive ion. The energy required to remove the most loosely 
bound electron from an isolated gaseous atom is called the ionization energy. 

` These are determined from spectra and are measured in kJ mol-'!. Since it is 
possible to remove one, two or three . . . electrons from most atoms there is a 
first, second or third ... ionization energy. Thus the first ionization energy is 
the energy required to convert M > Mt; the second, M+ + М2+; the third 
M?* + M3+, and so on. 

The factors influencing the ionization energy are the size of the atom, the 
charge on the nucleus, the screening effect of inner electron shells and the type 
of electron involved. These factors are usually interrelated. In a small atom the 
electrons are tightly held, but the larger the atom, the less strongly are the 
electrons held; thus the ionization energy decreases with increased size. Thus in 
Group I metals, the ionization energy decreases with increased size, but the 
extra shells of electrons must also help to screen the outer electron from the 
nucleus (Table 3.2). For this group it can be seen that removal of a second elec- 
tron involves so much more energy that in practice it does not occur. This is 
related to the structure of the atom, for whilst it is fairly easy to remove the 
single outer electron, it is much more difficult to break into a completed octet. 


Tonization energies (kJ mol-!) 


First Г.Е. Second I.E. 


Li 520 7296 
Na 496 4563 
K 419 3069 
Rb 403 2650 
Cs 375 2420 


The first, second and third ionization energies for magnesium are 737, 1450 
and 7730 kJ mol-! respectively. The first LE, is greater than the value for 
sodium, because the increased nuclear charge results in a smaller size of mag- 
nesium. Once the first electron has been removed, the effective nuclear charge 
is increased and the size of Mg* is less than a Mg atom, so that the second LE. 
is greater than the first. Removal of a third electron is much harder because of 
the decreased size and increased nuclear charge and because a completed shell 
would need to be broken. 

Due to the shape of the orbital, an s electron penetrates nearer to the nuc- 
leus than a p, d or felectron and is more tightly held. Other factors being equal, 
the ionization energy decreases s > p > d 2. 

In general, the ionization energy decreases on descending a group and 


95 


SIL |685 |LOOT |688 |0/8 
qd 


"J10 MON 'pjouuroy “AyoIpoliad јрдшәцо “L Y `NOSYIANYS зәру 
(Сзәпүел MO] so[2Jro [геш pue sənjea цЗіц әјеотрш s3119 әле) 
(„Још гу ur иәлї8 әзе $әпүел [еошәшпм) 


$51МЧИЯПЯ JHL ЧО SHIOHH3NH NOLLVZINOI 15314 


006 


TE a1avpL 


96 


increases on crossing a period, and removal of successive electrons becomes 
more difficult and first I.E. < second LE. < third LE... . There are a number of 
deviations from these generalizations. 

The first ionization energies of the elements in the first two short periods are 
shown in Fig. 3.1. These show a general upward trend from Li to Ne and from 
Na to Ar. The values for Ne and Ar are the highest in their periods because it 
requires a great deal of energy to break a stable filled shell of electrons. There 
are several irregularities. The high values for Be and Mg are attributed to the 


| Ne 
2000 


aa Na 
га 1 “ыз А 2 


Еїр. 3.1 First ionization energies of the elements in the first two short periods. 


stability of a filled s level. The high values for N and P indicate that a half-filled 
p level is also particularly stable. The values for B and Al are lower because 
removal of one electron leaves a stable filled s shell, and similarly with О and S 
a stable half-filled p shell is left. 


Electronic arrangements with extra stability 
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In general the first ionization energy decreases in a regular way on descend- 
ing the main groups. A departure from this trend occurs in Group III, where 
the presence of the three transition series has a marked effect on the values for 
Ga, In and TI. The trend in the transition series is irregular, the high values of 
some of the third row elements being due to the interpolation of the 14 
lanthanide elements between La and Hf. 


Electron Affinity 


The energy released when an extra electron is added to a neutral gaseous 
atom is termed the electron affinity. Usually only one electron is added, form- 
ing a uninegative ion. This repels further electrons and energy is needed to add 
on a second electron, hence the negative affinity of O?-. Electron affinities de- 
pend on the size and effective nuclear charge. They cannot be determined 
directly, but are obtained indirectly from the Born-Haber cycle. 


H-H- 72 КЈ mol Li-Li- 57 NaoNa 21 
He-He- —54 Be29Be- —66 Mg2Mg- —67 
B>B- 15 Al>A 26 
C-C- 121 Si-Si- 135 
N2N- —31 P-P- 60 


020-7 142 S-S- 200 
0-07 —702 S-S% —332 
Е-Е- 333 CIoClr 348 Вг-Вг 324 1-17 295 


The above values show that the halogens all liberate a large amount of 
energy on forming negative halide ions. It is perhaps not surprising that these 
ions occur in a large number of compounds. However there is a substantial ab- 
sorption of energy when O?- and S?- are formed. Despite this, compounds 
containing these ions are known, and it follows that the energy required to form 
them must come from some other process, such as the lattice energy when the 
ions are packed to make a crystalline solid, or from solvation energy in 
solution. It is however dangerous to consider one energy term in isolation, and 
a complete energy cycle should be considered wherever possible. For further 
details, see refs. 1 and 2 at the end of the chapter. 


Born-Haber Cycle 


This cycle devised by Born and Haber in 1919 relates the lattice energy of a 
crystal to other thermochemical data. The energy terms involved in building a 
crystal lattice such as sodium chloride may be taken in steps. The elements in 
their standard state are first converted to gaseous atoms, then to ions and 
finally packed into the crystal lattice. 
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sublime + $ 


Ма metal ————> Nagas 
cl, gas dissociate +4D 


Heat of formation — H 


Ionization energy, + J 
СІ gas 


Electron affinity, — E 


4 
Lattice energy Na* gas 
Penes 


NaCl crystal 
20 СГ gas 


The heats of sublimation, dissociation and ionization energy are positive 
since energy is supplied to the system. According to Hess’s law, the overall 
energy change in a process depends only on the energy of the initial and final 
states and not on the route taken. Thus the heat of formation H is equal to the 
sum of the terms going the other way round the cycle. 


—H=+S+4D+I-E-U 


All the terms except the lattice energy and electron affinity can be measured. 
Originally the lattice energy was calculated for known crystal structures and 
thus values were obtained for the electron affinity. More recently, when values 
for electron affinity had been found in this way, the cycle has been used to cal- 
culate the lattice energy for unknown structures. This is useful, for the lattice 
must be broken up when the substance dissolves. If the lattice energy is high, it 
is unlikely that the heat of solvation will be big enough to offset this, so the sub- 
stance will probably be insoluble. The resistance of many transition metals to 
chemical attack is related to a similar series of energy changes and nobility is 
favoured by a high heat of sublimation, high ionization potential and low heat 
of solvation of the ions. In addition some information can be obtained about 
the ionic/covalent nature of the bonding. If the lattice energy is calculated 
theoretically assuming ionic bonding, then the value can be compared with the 
lattice energy calculated from the experimentally measured quantities in the 
Born-Haber cycle. Close agreement indicates that the assumption that bonding 
is ionic is in fact true. The large discrepancy for Cdl, indicates that the struc- 
ture is not ionic. 


Theoretical lattice Born—Haber % difference 
energy lattice energy 
kJ mol"! kJ mol“! 
LiCl —825 +817 0-8 
NaCl —164 —764 0-0 
KCI —686 —679 1-0 
KI —617 —606 1-8 
СаЕ, —2584 —2611 10 
Cdl, —1966 —2410 22-6 
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Electronegativity 


The tendency of an atom to attract electrons to itself when combined in a 
compound is termed the electronegativity of the atom. Generally, small atoms 
attract electrons more than large ones and are therefore more electronegative. 
Atoms with nearly filled shells of electrons will tend to have higher electro- 
negativities than those with sparsely occupied ones. Ionization energies and 
electron affinity may be regarded as measures of electronegativity and Mul- 
liken regarded electronegativity as the average of the two. The commonly ac- 
cepted values are more nearly obtained by LE. + E.A./544, where the ion- 
ization energy and electron affinity are in kJ mol-'. Since only a few electron 
affinities are known, it is more usual to use another approach based on bond 
energies. It is worth remembering a few electronegativity values (see Table 3.3). 
Covalent bonds are formed by elements which have similar electronegativity 
values, and ionic bonds are formed between elements with a large electro- 
negativity difference. 

Generally the bond formed between two atoms A and B will be intermediate 
between pure covalent A—B and pure ionic A4* B-. Because of this partial ionic 
character, the bond is strengthened, that is the bond energy is increased. The 
bond is in fact stabilized by resonance. 


Resonance energy — Actual bond energy — Energy for 10096 covalent bond 


Pauling states that the electronegativity difference between two atoms equals 
0-18 VA, where A is the resonance energy in kcal/mol. In SI units this becomes 
0-088 /^ where A is in kJ mol-!. To evaluate the electronegativity difference, 
both the actual bond energy and the energy for a 10096 covalent bond must be 


TABLE 3.3 Pauling's Electronegativity Coefficients (for the most 
common oxidation states of the elements) 


H 

2-1 
Li Be B C N о Е 
1.0 1-5 2-0 2-5 3-0 3.5 4:0 
Ма cl 
0-9 3-0 
K Br 
0-8 2.8 
Rb 
0.8 2.5 
Cs 
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known. The actual bond energy can be measured, but the energy of a 100% 
covalent bond must be calculated. This was done as follows: 

(1) It was assumed that the 100% covalent bond energy equals the 
arithmetic mean of the covalent energies of 4—4 and B-B molecules 


Е 100% covalent 4 — В = XE, sth Ep 5) 


The bond energy іп 4—4 and B-B molecules can be measured and so the 
resonance energy may be evaluated. Since the resonance energy must be 
positive, this assumption is incorrect because in some cases such as LiH, NaH 
and KH the calculated energy is negative. 

(2) Pauling suggested the geometric mean: 


Е 100% covalent А -в= ү (Е,_„ Ep. p) 


so resonance energy A = actual bond energy — \/(E,_,-E,_,). Converting to 
SI units, Pauling evaluated 0-088 V/A for a number of bonds and called this the 
electronegativity difference between А and B. He found for example: 


Bond А(К mol~") 0-088 /A 
C-H 24.3 0-4 ie. BC — ZH = 0-4 
(Z = electronegativity of atom) 
H-Cl 106-3 0-9 ie..£ C1 —.£ H = 0-9 
N-H 125.9 1-0 ie..ZN —.£H = 1-0 


If.@H = 0 then the electronegativity values for C, Cl and N would be 0-4, 0-9 
and 1-0 respectively. The origin of the scale has been changed from .£H = 0 
to. 2^ H = 2-05 to make the values for C and F 2-5 and 4-0 respectively. Thus 
by adding 2-05 the usually accepted electronegativity values are obtained (see 
Table 3.4). 

If two atoms have similar electronegativities, that is a similar tendency to 
attract electrons, the bond between them will be covalent. Similarly a large dif- 
ference in electronegativity leads to an ionic bond. Rather than have the two 
extreme forms, Pauling introduced the idea that the ionic character of a bond 
varies with the difference in electronegativity as shown in Fig. 3.2. This graph 
is based on the ionic characters HI 496 ionic, НВг 1196, НС1 1996 and HF 
4596, which are known from dipole moment measurements. 5096 ionic charac- 
ter occurs when the electronegativity difference between the atoms is about 
1-7, so for a larger difference than this a bond is more ionic than covalent. 
Similarly if the electronegativity difference is less than this, the bond is more 
covalent than ionic. It is better to describe a bond such as one of those in BF, 
as 6396 ionic, rather than just ionic. 

The electronegativity values given are those stated by Pauling, but others 
have been calculated from different theoretical assumptions by Huggins, Mul- 
liken and Sanderson. A review of electronegativity values is given in ref. 32. 
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Fig. 3.2 Electronegativity difference. 


Polarizing Power and Polarizability—Fajans’ Rules 


If the two ions 4+ and B- are brought together to their equilibrium distance, 
the type of bond between them depends on the effect of one ion on the other. 
The positive ion attracts the electrons on the negative ion and repels the nuc- 
leus, thus distorting or polarizing the negative ion. If the polarization is quite 
small, then an ionic bond results. If the degree of polarization is large, electrons 
are drawn from the negative ion to the positive ion and appreciable covalent 
character results, 

The extent of ion distortion depends on both the power of an ion to distort 
the other, i.e. its polarizing power, and the susceptibility of an ion to distortion, 
i.e. its polarizability. Generally the polarizing power increases as ions become 
smaller and more highly charged. The polarizability of a negative ion is greater 
than that of a positive ion since the electrons are less firmly bound because of 
the differences in effective nuclear charge.’ Large negative ions are more 
polarizable than small ones. These trends are summarized in Fajans' rules 


which state that covafent bonding is favoured by: 


1. small positive ion, 
2. Jarge negative ion, 
3. large charges on either ion. 


Metallic Character 


Metals are electropositive and have a tendency to lose electrons, if supplied 
with energy: 


МУ М++е 
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The stronger this tendency, the more electropositive and more metallic an ele- 
ment is. The tendency to lose electrons depends on the ionization energy. Since 
it is easier to remove an electron from a large atom than from a small one, 
metallic character increases as we descend the groups in the periodic table. 
Thus in Group IV, carbon is a nonmetal, germanium shows some metallic 
properties, and tin and lead are metals. Similarly metallic character decreases 
from left to right across the periodic table because atomic size decreases and 
ionization energy increases. Thus sodium and magnesium are more metallic 
than silicon, which, in turn, is more metallic than chlorine. The most electro- 
positive elements are found in the lower left of the periodic table and the most 
nonmetallic in the top right. 

Electropositivity is really the converse of electronegativity, but it is con- 
venient to retain the concept of electropositivity when describing metals. 
Strongly electropositive elements give ionic compounds. Metallic oxides and 
hydroxides are basic since they ionize, and give hydroxyl ions: 


NaOH ~ Nat + OH- 

CaO + H,O + Ca?* + 20H- 
Oxides which are insoluble in water are regarded as basic if they react with 
acids to form salts. Thus in the main groups of the periodic table, basic proper- 
ties increase on descending a group because the elements become more electro- 
positive and more ionic. However, this generalization does not hold for the d 
block, and particularly for the central groups of transition elements (Cr, Mn, 
Fe, Co, Ni) where basicity and the ability to form simple ions decreases on 
descending the group. 

The degree of electropositivity is shown in a variety of ways. Strongly 
electropositive elements react with water and acids. They form strongly basic 
oxides and hydroxides, and they react with oxyacids to give stable salts such as 
carbonates, nitrates and sulphates. Weakly electropositive elements are unaf- · 
fected by water and are much less readily attacked by acids. Their oxides are 
frequently amphoteric, and react with both acids and alkalis. They are not 
basic enough to form stable carbonates. 

The electropositive nature of a metal is also shown in the degree of hydration 
of the ions. In the change: M+ to [(H,O), > М]* the positive charge becomes 
spread over the whole complex ion. Since the charge is no longer localized on 
the metal, this is almost the same as the change M+ > M. Strongly electro- 
positive metals have a great tendency to the opposite change: M + M+, so that 
they are not readily hydrated. The less electropositive the metal, the weaker the 
tendency M + M+ and the stronger the degree of hydration. Thus the elements 
in Group II are more heavily hydrated than those in Group I, and the degree of 
hydration decreases down a group, e.g. MgCl,.6H,O and BaCl,.2H,0. 

Salts of strongly electropositive metals have little tendency to hydrolyse and 
form oxysalts. Since the size of the metal ion is large it has little tendency to 
form complexes. On the other hand, salts of weakly electropositive elements 
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hydrolyse and may form oxysalts. Because they are smaller, the metal ions 
have a greater tendency to form complexes. 


Standard Electrode Potentials and Electrochemical Series 


When a metal is immersed in a solution containing its own ions, an electric 
potential is set up between the two. The size of the potential Е for the electrode 
reaction M"* + ne = M is given by the Nernst equation: 


RT 
a 


where R is the gas constant, T the absolute temperature, n the valency of the 
ion and F the Faraday. For most purposes, the activity a may be replaced by 
the concentration of ions in solution. E? is the standard electrode potential, 
which is a constant for any particular metal and is in fact the electrode poten- 
tial at unit activity. 

The standard electrode potential is thus a measure of the electropositive 
nature of the metal. The potential of a single electrode cannot be measured, but 
if a second electrode of known potential is put in the solution, the difference in 
potential between the two can be measured. The standard by which all 
electrode potentials are compared is the hydrogen electrode. (A platinized 
platinum electrode is saturated with hydrogen at one atmosphere pressure and 
immersed in a solution of H* at unit activity. The potential developed is ar- 
bitrarily fixed at zero.) 


TABLE 3.5 Standard Electrode Potentials at 25 °C 
(European Sign Convention) 


Volts 
Li*|Li —3-05 
K*|K —2-93 
Ca’ |Ca —2-84 
АР+ [AI 1-66 
Mr?* |Mn —1-08 
212+ |2п —0-76 
Ее?+ | Ее —0-44 
Cd^* |Cd —0-40 
Co*+|Co ~0-27 
Ni?* | Ni 0:23 
5п?+|5п —0-14 
Pb?* |Pb —0-13 
H*lH; 0-00 
Cu** [Сц 40-35 
Ag* | Ag +0-80 
Аш+|Ац +1-38 


ror a 
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If the elements are arranged in order of increasing standard electrode poten- 


tials, the resulting Table 3.5 is called the electrochemical series. 
Electrode potentials can also be measured for elements like oxygen and the 


halogens which form negative ions (Table 3.6). 


TABLE 3.6 Standard Electrode Potentials 


volts 
O,IOH- 40-40 
LII +0-57 
Вг,1Вг- +1:07 
CLICI- 1:36 
E;E- 42.85 


Ee 


The sign conventions in Europe and the USA are exactly opposite. For ex- 
ample, Li has an electrode potential of —3-05 volts on the European scale and 
43.05 on the American convention. The IUPAC convention (Stockholm 
1953) recommended that electrode potentials should always refer to reduction 
potentials (i.e. the European system). 

In the electrochemical series the most electropositive elements are at the top 
and the least electropositive at the bottom. The greater the negative value of the 
potential, the greater is the tendency for a metal to ionize. Thus a metal will dis- 
place another metal lower down the series from solution. For example, in 
recovering copper scrap iron is sacrificed. 


Fe + Cu?*SO,- > FeSO,- + Cu 
In the Daniell cell zinc tends to displace copper from copper salts in solution. 
This causes the potential difference between the plates. 

When a solution is electrolysed the externally applied potential has to over- 
come the electrode potential. The minimum voltage necessary to cause 
deposition is equal and opposite in sign to the potential between the solution 
and the electrode. Elements low down in the series discharge first, thus Си? 
discharges before H*, so copper may be electrolysed in aqueous solution. 
However, hydrogen and other gases often require a considerably higher voltage 
than the theoretical potential before they discharge. For hydrogen, this extra or 
over-voltage may be 0-8 volts, and thus it is possible to electrolyse zinc salts in 
aqueous solution. 

Several factors affect the value of the standard potential. The conversion of 
M + M* in aqueous solution may be considered in a series of steps: 


1. sublimation of a solid metal, 
2. ionization of a gaseous metal atom, 
3. hydration of a gaseous ion. 
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These are best considered in а Born-Haber type of cycle. 


electrode potential E 
Air aed etre iur e 


M siia M* aqueous + € 
heat of heat of 
sublimation hydration 
S : H 
ionization energy J 
M gaseous ME ооз +e 


The heat of sublimation and the ionization energy are positive since energy is 
supplied, so 


E=+S+I-H 


Since S and / are high for transition metals, E is low; that is, the metal has little 
tendency to form ions hence it is unreactive or noble. Among the s block 
metals (Groups I and II) S and / are small, so that E is high and the metals are 
reactive. 

During oxidation electrons are lost, and during reduction they are gained. A 
reducing agent must therefore supply electrons, and elements having large 
negative electrode potentials are strong reducing agents. The strengths of oxi- 
dizing and reducing agents may be measured by the size of the potential be- 
tween a solution and an inert electrode. Standard oxidation potentials are ob- 
tained when the concentrations of oxidized and reduced forms are equal, the 
standard hydrogen electrode being taken as zero. The most powerful oxidizing 
agents have a large positive oxidation potential and strong reducing agents 
have a large negative potential. Standard oxidation potentials allow us to pre- 
dict which ions will oxidize or reduce other ions, but they do not indicate the 
rate of the reaction and a catalyst may be required, as in the oxidation of 
arsenites by ceric sulphate. 


Oxidation-Reduction Reactions 


Oxidation is the removal of electrons from, and reduction is the addition of 
electrons to an atom. The standard electrode potentials given in Table 3.5 are 
written by convention with the oxidized species on the left, and the reduced 
species on the right. 


Li*lLi E? = —3.05 volts 
or 


Lit +e ^Li E? — —3-05 volts 


The potential developed by the half cell is therefore written as a reduction 
potential, since electron(s) are being added. A fuller list of reduction potentials 
in acid solution is given in Table 3.7, and with such a table many reactions may 
be predicted, and their cell potentials calculated: 
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Consider the galvanizing of iron, that is coating iron with zinc to prevent 
rusting. The two competing reactions are 


Fe?* + 2e + Fe E? = —0-44 volts 

Zn?* + 2e+Zn E? = —0:76 
Since the zinc reaction in the forward reaction produces a larger negative 
potential, that is liberates more energy, the spontaneous reaction is 


Zn + Fe?* > Fe + Zn?* 


The coating of zinc serves two purposes—firstly it covers the iron and prevents 
its oxidation (rather like a coat of paint) and secondly it provides anodic pro- 
tection. If the galvanized steel is scratched, allowing the air to oxidize some 
iron, the Fe?” produced is immediately reduced to iron by the zinc, and rusting 
does not occur. Similar applications in which one metal is sacrificed to protect 
another are the attaching of sacrificial blocks of magnesium to underground 
steel pipelines and the hulls of ships to prevent the rusting of iron. 


Reduction Potential Diagrams 


The reactions and stability of the various oxidation states of an element can 
be shown by the appropriate half reactions and reduction potentials. Consider 
iron: 


Ее?+ + 2e + Fe E? = — 0-44 volts 
Fe* + Зе ^ Fe E? — — 0.04 
Fe?* + e > Fe? E =+ 0.77 


FeO,?- + Зе + 8H* > Fe + 4H,O E°= + 2.20 


This information is consolidated into a single diagram, in which the highest oxi- 
dation state is written at the left, and the lowest state at the right 


oxidation state VI ш II 0 
2-20 0-77 —0:44 
FeOQ,2> ————— Fet ————— Fet —— Fe 
—0-04 


From the potentials it is apparent that reduction of ЕеО,2- to Fe?* releases а 
lot of energy, so FeO,” is a strong oxidizing agent. Similarly, Fe?* is a weaker 
oxidizing agent going to Fe”, but neither Fe?* nor Fe?* has any tendency to 
reduce to Fe. 

Standard electrode potentials are measured on a scale with 


H++e>+H E? — 0-0 volts 


Since hydrogen is normally regarded as a reducing agent, reactions with 
negative values for E? are more strongly reducing than hydrogen, that is they 
are strongly reducing. Materials which are generally accepted as oxidizing 
agents have E" values above +0-8 volts, those such as Fe*+—Fe?+ of about 0-8 
volts are stable (equally oxidizing and reducing), and those below +0-8 volts 
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At first sight the potential of —0-04 V for Ее?+—Ее seéms wrong since the 
potentials for Fe3*—Fe?*, and Fe?*—Fe are 0-77 V and —0-44 V respectively. 
Potentials are not thermodynamic functions, and may not be added, but the 
potential may be calculated from the free energy G, using the equation AG — 
—nFE? where n is the number of electrons involved and F the Faraday. ; 
e+Fet> Fet  Ко=+0.77у AG –1(+0:77)Е= =0-77F 


2e + Fe?* + Fe Е? =— 0-44 V АС = —2(—0-44)F = +0.88Е 
adding 3e Fe?* — Fe AG = +0-11F 
= E? for Fe?* + Fe = TG O-11F _ —0-04 V 
—nF —3F 
The reduction potential diagram for copper in acid solution is 
oxidation state П I 0 
cu 40-15 Бый, 3050 o 


The potential, and hence the energy released when Cu?* is reduced to Cu* are 
both very small, hence Cu?* is stable. On moving from left to right the poten- 
tials Cu?*-Cu*-Cu become more positive. Whenever this is found, the species 
in the middle (Cu* in this case) disproportionates, that is it behaves as both a 
self-oxidizing and a self-reducing agent because it is energetically favourable 
for the following two changes to occur together 
Cut++Cu2++e — Epxidation = —0:15 AG = +0-15F 
Cu +e +Cu E = 40-50 AG = —0.50Е 
overall 2Cu* + Cu?+ + Cu АС = —0-35F 


Thus Cut disproportionates in solution, and is only found in the solid state. 


The Occurrence and Isolation of the Elements 


The most abundant elements in the earth’s crust are: 
Parts per million % of earth’s crust 


of earth’s crust 
1. oxygen 466 000 46-6 
2. silicon 277200 27-7 
3. aluminium 81 300 8-1 
4. iron 50000 5-0 
5. calcium 36 300 3-6 
6. sodium Е 28 300 2.8 
7. potassium 25 900 2-6 
8. magnesium 20900 2-1 
9. titanium 4400 0-4 
10. phosphorus 1180 0-1 
11. manganese 1000 0-1 
(A full table of abundances is given in Appendix 1.) M 
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Other very abundant elements are nitrogen (78% of the atmosphere) and 
hydrogen, which occurs as water in the oceans. The chemistry of these abun- 
dant elements is well known, but some elements which are rare are also well 
known, because they occur in concentrated deposits—for example, lead as PbS 
(galena) and boron as Na,B,O,.10H,O (borax). 

The different methods for separating and extracting elements may be divided 
into five classes (see ref. 11). 


Mechanical Separation of Elements that Exist in the Native Form 


Relatively few elements occur in the free state, but diamonds and gold are 
both found in the earth, and are obtained by mechanical separation of large 
amounts of earth. They have remained in the native form because they are un- 
reactive. Deposits of sulphur are also found deep underground and in the 

Craters of volcanoes in Louisiana (USA) and Sicily respectively. The at- 
mosphere is made up of about 78% nitrogen, 22% oxygen and traces of the 
noble gases argon, helium and neon. These may be separated by fractional dis- 
tillation of liquid air. 


Thermal Decomposition Methods 


A few compounds will decompose into their constituent elements simply by 
heating. A number of hydrides will decompose in this way, but since hydrides 
are usually made from the metal itself, the process is of no commercial sig- 
nificance. The hydrides arsine AsH, and stibine SbH, are produced in Marsh’s 
test, where an arsenic or antimony compound is converted to the hydride with 
Zn/H,SO,, and the gaseous hydrides decomposed to give a silvery mirror of 
metal by passing through a heated tube. 

Sodium azide NaN, decomposes to give sodium and pure nitrogen on gentle 
heating, but considerable care is needed as azides are often explosive. 

Nickel carbonyl Ni(CO), may be produced by warming impure Ni with CO 
at 28 °C, and it decomposes on heating to 60 °C. This was the basis of the 
now obsolete Mond process for purifying nickel. 

The iodides are the least stable of the halides, and the van Arkel process has 
been used to purify small quantities of zirconium and boron. The impure ele- 
ment is heated with iodine producing a volatile iodide Zrl, or BI,. These are 
decomposed by passing the gas over an electrically heated filament of tungsten 
or tantalum which is white hot. The element is deposited on the filament, and 
the iodine is recycled. The filament grows fatter, and is eventually removed. 
The tungsten core is drilled out of the centre, and a small amount of high purity 

Zr or B obtained. 

Most oxides are thermally stable at temperatures up to 1000 °C but the 
metals below hydrogen in the electrochemical series decompose fairly easily. 
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Thus HgO and Ag,O decompose on heating. The mineral cinnabar HgS is 
roasted in air to give the oxide, which then decomposes on heating. Silver 
residues from the laboratory and photography are collected as AgCl and fused 
with Na,CO, giving Ag,CO,, which decomposes on heating first to Ag,O and 
then to Ag. 

Oxygen may be produced by heating potassium perchlorate КСІО, or hyd- 
rogen peroxide H,O,. 


КСО, > KCI + 20, 
2H,0, + 2H,0 + O, 


Displacement of One Element by Another 


Any element may be displaced from solution by another element which is 
higher in the electrochemical series. The method is inapplicable to elements 
which react with water, and to be economic must involve sacrificing a cheap 
element to obtain a more expensive element. 

Copper ores which are too lean in CuS to extract by roasting in air are left to 
weather with air and rain to form a solution of CuSO,. The Cu?* ions are dis- 
placed as Cu metal by sacrificing scrap iron which turns into Fe?* because iron 
is above copper in the electrochemical series. 

Cadmium occurs in small amounts with zinc ores, and before electrolysing 
ZnSO, which contains traces of CdSO,, some Zn is sacrificed to displace the 
Cd?+ — Cd. In this case the zinc which was sacrificed is subsequently 
recovered by electrolysis. 

Sea water contains Br- ions. Chlorine is above bromine in the electro- 
chemical series, and bromine is obtained by passing chlorine into sea water. 


2Br- + Cl, > Br, + 2Cl- 


High-Temperature Chemical Reduction Methods 


A large number of commercial processes come into this group. Carbon can 
be used to reduce a number of oxides and other compounds, and because of the 
low cost and availability of coke this method is widely used. Disadvantages are 
that a high temperature is needed, which is expensive and necessitates the use 
of a blast furnace or an electric furnace, and many metals combine with carbon 
forming carbides. 


Ғе,0, + С blast furnace Fe 

ZnO «C 220460 7п 

Ca(RO) iGo шс DD 

MgO + С р Mg (process now obsolete) 


electric furnace 
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If the temperature needed for carbon to reduce an oxide is too high for econ- 
omic or practical purposes, the reduction may be effected by another highly 
electropositive metal such as aluminium, which liberates a large amount of 
energy (1675 kJ mol-!) on oxidation to ALO,. This is the basis of the Thermite 
process 


3Mn,O, + 8Al > 9Mn + 4ALO, 


Magnesium is used in a similar way to reduce oxides. In certain cases where 
the oxide is too stable to reduce, electropositive metals are used to reduce 
halides 


TiCl, + 4Na 112195. mi, 4NaCl 
тісі, + 2Mg Крос Ti omecl, 


800*C 


A number of metals occur as sulphide ores (for example PbS, CuS and Sb,S,) 
which may be roasted first in air to partially convert them to the oxide, then 
further in the absence of air, resulting in self reduction: 


Cus OPE MC INO eee eure). 
+ without air 
CuS 


A few metals are obtained by reduction of their oxides with hydrogen: 


Mo;0, + H ^ Mo 
The difficulties with such methods are considerable, firstly because of the risk 


of explosion from hydrogen and oxygen in the air, and secondly because many 
metals react with hydrogen at elevated temperatures forming hydrides. 


Electrolytic Reduction 


The strongest possible reducing agent is an electron. Any ionic material may 
be electrolysed, and reduction occurs at the cathode. This is an excellent 
method, and gives very pure products, but electricity is expensive. If the pro- 
ducts do not react with water, electrolyses can be carried out conveniently and 
cheaply in aqueous solution. Thus copper and zinc are-obtained by electrolysis 
of their aqueous sulphates. 

Fluorine reacts violently with water, and it is produced by electrolysis of 
KHF, dissolved in anhydrous HF. (The reaction has many technical difficul- 
ties in that HF is corrosive, the hydrogen produced at the cathode must be kept 
separate from the fluorine produced at the anode or an explosion will occur, 
water must be rigorously excluded, and the fluorine produced attacks the 

anode and the vessel.) 
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Elements that react with water are often extracted from fused melts of their 

ionic salts. These melts are frequently corrosive, and involve large fuel bills to 
maintain the high temperatures required. Aluminium is obtained by electrolysis 
of a fused mixture of ALO, and cryolite Na, [AIF,]. Both sodium and chlorine 
are obtained from fused NaCl, and in this case up to 3 of CaCl, is added as ап 
impurity to lower the melting point from 803 °С to 505 °С. 

The type of process used commercially for any particular element depends 

on a number of factors. 
(i) Is the element unreactive enough to exist in the free state? 

(ii) Are any of its compounds unstable to heat? 

(iii) Does the element exist as an ionic compound, and is the element stable 
in water? If both are true, is there a cheap element above it in the 
electrochemical series which can be sacrificed to displace it from 
solution? 

(iv) Does the element occur as sulphide ores which can be roasted, or oxide 
ores which can be reduced—using carbon is cheapest whilst the use of 
Mg, Al and Na as reducing agents is more expensive. : 

(v) If all other methods fail, electrolysis usually works for ionic materials, 
but is expensive. If the element is stable in water, electrolysing aqueous 
solutions is cheaper than using fused melts. 


Thermodynamics of Reduction Processes 


The extraction of metals from their oxides using carbon or other metals, and 
by thermal decomposition, involves a number of points which merit detailed 
discussion. 

For a spontaneous reaction, the free energy change AG must be negative. 


AG =АН — TAS 


AG is made up of the heat change AH and a term including the absolute tem- 
perature Т and the entropy change AS. For a reaction such as the formation of 
an oxide 


M+40,+MO 


the free energy change will become smaller as the temperature increases. This is 
because gas (oxygen) is used up in the reaction, so S the entropy or ran- 
domness decreases, and AS is negative. As the temperature increases, TAS 
becomes more negative, and since this term is subtracted, AG becomes less 
negative. The free energy changes for one gram molecule of a common reac- 
tant (in this case oxygen) can be plotted graphically against temperature for a 
number of metal to metal oxide reactions (Fig. 3.3), and the graphs all slope 
upwards as the temperature increases. Such graphs are called Ellingham 
diagrams, and similar diagrams can be produced for metal sulphides, and metal 
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Fig. 3.3. Ellingham diagram showing the change in Free Energy AG with tem- 
perature for oxides (based on 1 g mol of oxygen in each case). 


halides. The free energy changes follow a straight line unless the materials melt 
or vaporize, when there is a large change in entropy associated with the change 
of state, which changes the slope of the line (for example the Hg—HgO line 
changes slope at 356 °C when Hg boils, and similarly Mg-MgO at 1120 °C), 

If, as the temperature increases, the graph crosses the AG = 0 line, the free 
energy of formation of the oxide changes from negative to positive; that is the 
oxide becomes unstable. Theoretically all oxides can be decomposed to give the 
metal and oxygen if a sufficiently high temperature can be attained, In practice 
Ag, Au and Hg are the only oxides which сап be decomposed at temperatures 
which are easily attainable, and these metals can therefore be extracted by ther- 
mal decomposition of their oxides. 

In a number of processes, one metal is used to reduce the oxide of another 
metal. Any metal will reduce the oxides of other metals which lie above it in the 
Ellingham diagram because the free energy will become more negative by an 
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Fig. 3.4 Ellingham diagram for carbon. (The composite curve is shown as a solid 
line.) 


amount equal to the difference between the two graphs at that particular tem- 
perature. Thus А1 will reduce FeO, CrO, NiO in the well known Thermite reac- 
tion, but Al will not reduce MgO at temperatures below 1500 °C. 

In the case of carbon reacting with oxygen, two reactions are possible 

C 40,2 CO, 
C +40, >CO 

In the first reaction, the volume of CO, produced is the same as the volume of 
O, used, so the change in entropy is very small, and AG hardly changes with 
temperature. The second reaction produces two volumes of CO for every one 
volume of oxygen used. Thus AS is positive, hence AG becomes increasingly 
negative as T increases, and the line on the Ellingham diagram slopes down- 
wards (Fig. 3.4). The two lines for С + CO, and C ~ CO cross at about 
710 °C. Below this temperature the reaction to form CO, is energetically more 
favourable, but above 710 °C the formation of CO is preferred. Thus carbon 
may be used to reduce any of the oxides above it on the Ellingham diagram. 
Since the AG line slopes downwards it will eventually cross and lie below all the 
other curves, so in principle carbon could be used to reduce any metal oxide if 
a sufficiently high temperature was used. At one time MgO was reduced by C 
at 2000 °C, followed by shock cooling, in a now obsolete process, and the 
reduction of very stable oxides like TiO,, Al,O, and MgO is not attempted 
because of the high cost and practical difficulties of using extremely high tem- 
peratures. A further limitation on the use of carbon for extracting metals is that 
many metals form carbides. 

Thermodynamic arguments about what will reduce a given compound have 
two limitations. They assume that the reactants and products are in equilib- 
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rium, which is often untrue, and they indicate whether a reaction is possible but 
do not predict the rate of the reaction, or if some alternative reaction is even 
more favourable. 

For further details of extraction processes and Ellingham diagrams for 
halides and sulphides see ref. 11. 


Horizontal, Vertical and Diagonal Relationships in the Periodic Table 


On moving across a period in the periodic table, the number of electrons in 
the outer shell increases from one to eight. Thus Group I elements all have one 
electron in their outer orbital and when they react they are univalent, because 
the loss of one electron leaves an inert gas structure. Similarly Group II ele- 
ments have two electrons in their outer shell and are divalent. The valency of 
an element in one of the main groups is either the group number, which is the 
same as the number of outer electrons, or eight minus the group number. Group 
V elements (e.g. nitrogen) have five outer electrons. If three of these are shared 
in covalent bonds with other atoms, the nitrogen atom has a share in eight 
electrons and has a stable configuration. Thus nitrogen is trivalent, for example 
in ammonia NH,. The halogens are in Group VII and have seven outer 
electrons. The valency should be 8 — 7 = 1, and if one electron can be gained 
by either electrovalent or covalent bond formation, a stable structure is at- 
tained. The number of outer electrons thus determines the valency of the 
element. 

On moving from left to right across a period, the size of the atoms decreases 
because of the additional nuclear charge. Thus the orbital electrons are more 
tightly held, and the ionization energy increases. The metallic character of 
the elements also decreases, and the oxides of the elements become less basic. 
Thus Na;O is strongly basic; ALO, is amphoteric and reacts with both acids 
and bases; SO, is an acidic oxide since it dissolves in water to form sulphurous 
acid (H,SO,) and reacts with bases to form sulphites. Generally, metallic 
oxides are basic, whilst nonmetallic oxides are acidic. 

On descending a vertical group in the periodic table, the elements all have 
the same number of outer electrons and the same valency, but the size 
increases. Thus the ionization energy decreases and the metallic character 
increases. This is particularly apparent in Groups IV and V which begin with 
the nonmetals carbon and nitrogen and end with the metals lead and bismuth. 
The oxides become increasingly basic on descending the group. 

On moving diagonally across the periodic table the elements show certain 
similarities. These are usually weaker than the similarities within a group, but 
are quite pronounced in the following pairs of elements: 


Li Be B C 


Na Mg АІ Si 
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On moving across a period, the charge on the ions increases and the size dec- 
reases, causing the polarizing power to increase. On moving down a group, the 
size increases and the polarizing power decreases. On moving diagonally these 
two effects partly cancel each other, so that there is no marked change in prop- 
erties. The type and strength of bond formed and the properties of the com- 
pounds are often similar, although the valency is different. Diagonal similarities 
are most important among the lighter elements, but the line separating the 
metals from the nonmetals also runs diagonally. 


Hydrogen 
Position in the Periodic Table 


Hydrogen, the first element in the periodic table, has the simplest atomic 
structure of all the elements, and consists of a nucleus of charge +1 and one or- 
bital electron. The alkali metals (Group I) also have a single outer orbital 
electron, but they tend to lose this electron in reactions and form positive ions; 
by contrast, hydrogen has little tendency to lose this electron but a great ten- 
dency to pair the electron and form a covalent bond. The halogens (Group 
VID), like hydrogen, are one electron short of an inert gas structure. In many 
reactions the halogens gain an electron and so form negative ions, although 
hydrogen can only do this in reactions with highly electropositive metals. This 
behaviour is explained by the atomic structure, the extremely small size of hyd- 
тореп atoms and the low electronegativity value. These unique properties make 

it difficult to place hydrogen in the periodic table, since its properties differ from 
those of both Group I and Group VII elements, and although it is included in 
both groups in the tables in this book, it could well be put in a group on its own. 


Isotopes of Hydrogen 


If atoms of the same element have different mass numbers they are called 
isotopes. The difference in mass number arises because the nucleus contains a 
different number of neutrons. Three isotopes of hydrogen are known: 'H or H, 
deuterium 7H or D, and tritium 3H or T containing one proton and 0, 1 or 2 
neutrons respectively in the nucleus. These isotopes have the same electronic 
configuration and have essentially the same chemical properties. Because of the 
enormous mass difference between these isotopes, they show much greater dif- 
ferences in physical properties than are found between the isotopes of other ele- 
ments. The only differences in chemical properties are equilibrium constants 
and the rates of reactions; H is more rapidly adsorbed on to surfaces than D 
for example. Moreover, H has a lower energy of activation than D in reactions 
with the halogens, and therefore reacts faster. Some physical constants for H 
and D are given in Table 3.8. 
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TABLE 3.8 
————————————— 
Physical constant H, р, 
Melting point —259-2 °C —254.5 °C 
Boiling point —252-6 °C —249.4 °C 
Latent heat of fusion 117 kJ mol"! 219 kJ mol"! 
Latent heat of evaporation 904 kJ mol"! 1227 kJ mol"! 
Latent heat of sublimation* 1029 kJ mol-' 1427 kJ mol! 
Vapour pressure* 54 mmHg 5.8 mmHg 
————— A Á—————À— 


* At —259.1 °C 


Ordinary hydrogen contains 99.98496 of the H isotope and 0-01696 of D, 
and so its properties are essentially those of the lighter isotope. D and com- 
pounds of deuterium are separated by electrolysis. If water is electrolysed, H is 
liberated about six times more readily than D; hence the deuterium content of 
the residual sample increases, and by repeated electrolyses, water enriched with 
D;O or pure D,O may be obtained. Deuterium oxide undergoes all of the reac- 
tions of ordinary water, and is useful in the preparation of other deuterium 
compounds. Because D,O has a lower dielectric constant, ionic compounds are 
less soluble in it than in water. Some physical properties of H,O and D,O are 
compared in Table 3.9. 


TABLE 3.9 

ааш О ШИЕ Song A A 00 

Physical property H,O D,O 
Density at 20 °C 0-917 g/ml 1-017 g/ml 
Freezing point o°c 3-82 °C 
Boiling point 100 °C 101-42 °C 
Temperature of maximum density 4°C 11-6 °C 
Dielectric constant at 20 °C 82 80.5 
Solubility g МаС1/100 g water at 25 °C 35.9 30-5 
Solubility g BaCl,/100 g water at 25 °С 35-7 28-9 
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Deuterium compounds are also prepared by ‘exchange’ reactions where un- 
der suitable conditions deuterium is exchanged for hydrogen in compounds. 
Thus deuterium reacts with hydrogen at high temperatures forming HD, and it 
also exchanges with NH, and CH,. Exchange reactions occur readily when 
they involve ions in solution, for example 


NaOH + р,0 =NaOD + HDO 
NH,CI + DjO = NH,DCI + HDO 


NH;DCI may after successive treatments with D,O be converted into ND,Cl, 
which illustrates the equivalence of all four hydrogen atoms in the МН ion. 
Tritium is radioactive and has a time of half life of 12-26 years 


iT > 3He + _% 


119- 


It only occurs to the extent of one part T to 10!” parts H. It is produced in nuc- у 
lear transformations such as 


SLi + jn > $He + jT (ina nuclear reactor) 
and 
SN + дп 2C + jT (occurs in nature) 


Nuclear reactions are explained in Chapter 9. 


Ortho and Para Hydrogen 


The hydrogen molecule H, exists in two different forms known as ortho and 
para hydrogen. The nuclear spins of the two atoms in the molecule are either in 
the same direction or in opposite directions and give rise to spin isomerism. 
This is also found in other symmetrical molecules whose nuclei have spin 
momenta, e.g. Dj, №, Е,, Cl. 


OO OO 
Parallel spins opposite spins 
(ortho) (para) 


There are considerable discrepancies between the physical properties (e.g. boil- 
ing points, specific heats and thermal conductivities) of the ortho and para 
forms, because of differences in their internal energy. This causes differences in 
the band spectrum of molecular hydrogen. The para form of hydrogen has the 
lower energy, and the equilibrium mixture between ortho and para forms at ab- 
solute zero contains 100% of the para form; but as the temperature is raised, 
the proportion of ortho hydrogen increases up to a limiting mixture containing 
75% ortho hydrogen. Para hydrogen is usually prepared by passing normal 
hydrogen through a tube packed with charcoal and cooled to liquid air tem- 
perature. Para hydrogen prepared in this way can be kept for weeks at room 
temperature in a glass vessel, because the ortho-para conversion is slow in the 
absence of catalysts. Suitable catalysts include activated charcoal, atomic hyd- 
rogen, metals such as Fe, Ni, Pt and W and paramagnetic substances or ions 
(which contain unpaired electrons) such as О„ NO, МО» Co?*and Сг,О,. 


Properties of Molecular Hydrogen 


Hydrogen is the lightest gas known, and is colourless, odourless and almost 
insoluble in water. The abundance of molecular hydrogen on the earth is very 
small, but hydrogen in its compounds is very abundant, for example in water, 
carbohydrates and organic compounds, ammonia and acids. In fact hydrogen 
is present in more compounds than any other element. It is manufactured on a 
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large scale by electrolysis of water or sodium hydroxide, and from hydro- 
carbons. In the USA and countries where natural gas is plentiful 


empane оул эң. 


CH, + H,O pem 


Other hydrocarbons such as naphtha and fuel oil may also be used. Formerly 
coal was used in the UK, but this process has become too expensive 


red hot +H,O 


C+H,0 —“ CO«H, qui 2H, + СО, 
— 
water gas Fe,0, 


The CO, was removed by dissolving in water under pressure, or reacting with 
K,CO, solution giving KHCO,. Hydrogen can be prepared by the reaction of 
salt-like hydrides with water, and in the laboratory the usual method is the 
reaction of dilute acids on metals 


LIH + H,O > LiOH + H, 
Zn + H,SO, > ZnSO, + H, 


Hydrogen is not very reactive, although it burns in air and forms water; un- 
der certain conditions it explodes with oxygen and the halogens. Large quanti- 
ties are used in the production of ammonia 


N, + 3H, + 2NH, 


and this reaction is favoured by high pressure, low temperature and the pre- 
sence of a suitable catalyst. Hydrogen is also used commercially to reduce 
metal oxides to metals; the metals concerned are those below iron in the 
electrochemical series. Hydrogen plays an important part in the hardening of 
fats and oils, where unsaturated fatty acids are converted to saturated com- 
pounds which have higher melting points, thus making them more useful, e.g. 
in the manufacture of margarine. Hydrogen is also used to reduce nitro- 
benzene to aniline (dyestuffs industry), and in the catalytic reduction of ben- 
zene (the first step in the production of nylon 66). It also reacts with CO to 
form methyl alcohol, and with certain metals to form hydrides. 

The hydrogen molecule is very stable, and has little tendency to dissociate at 
normal temperatures, since the reaction 


H,+2H АН-= 431] mol" 


is highly endothermic. However, at high temperatures, in an electric arc, or un- 
der ultraviolet light it does dissociate. The atomic hydrogen produced exists for 
less than half a second, after which it recombines to give molecular hydrogen 
and a large amount of heat. This reaction has been used in welding metals. 
Atomic hydrogen is a strong reducing agent, and is commonly prepared in 
solution by means of a zinc-copper couple or a mercury-aluminium couple. 
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Hydrides 


Binary compounds of the elements with hydrogen are called hydrides. The 
type of hydride which an element forms depends on its electronegativity, and 
these types may be divided into three fairly distinct classes: 

1. ionic or salt-like hydrides 

2. covalent or molecular hydrides 

3. metallic or interstitial hydrides 


Tonic or Salt-Like Hydrides 


Only elements with very low electronegativity values can transfer electrons 
to the hydrogen atom and form salt-like hydrides. These include the metals of 
Group I (alkali metals) and the heavier Group II (alkaline earth metals) Ca, Sr 
and Ba and possibly others such as lanthanum. These are solids with ionic lat- 
tices, and have high melting points. They conduct electricity when fused, liber- 
ate hydrogen at the anode and thereby confirm that they contain the hydride 
ion H-. They react with water and liberate hydrogen 


LIH + H,O ^ LiOH + H, 


They are powerful reducing agents especially at high temperatures; for ex- 
ample: 
2CO + NaH > H.COO Na + С 
SiCl, + 4NaH > SiH, + 4 NaCl 
PbSO, + 2Ca H, > PbS + 2Ca(OH), 
The density of this type of hydride is greater than that of the metal. They have 
high heats of formation, and are always stoichiometric. 


Covalent Hydrides 


These are formed by elements of high electronegativity, since a small dif- 
ference in electronegativity between atoms favours a sharing of electrons and 
hence covalent bonding. Thus the p-block elements share electrons with hydro- 
gen and form covalent bonds. They have a molecular lattice made up of in- 
dividual saturated covalent molecules, with only weak van der Waals forces 
and in some cases hydrogen bonds holding the molecules together. This ac- 
counts for their softness, low melting and boiling points, volatility and lack of 
conductivity. The following elements form this sort of hydride, with a formula 


X H¢_,) where n is the group in the periodic table to which X belongs. 
Group ш IV M VI vil 
N [0] Е. 
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The group ПЇ hydrides are unusual in that they are electron deficient and 
polymeric, although they do not contain direct bonds between the Group III 
elements. The simplest boron hydride is В,Н,, and aluminium hydride is poly- 
meric (АІН,),. These are discussed under Group Ш in Chapter 5. In addition 
to simple hydrides, the rest of the lighter elements except the halogens form 
polynuclear hydrides in which two or more of the nonmetal atoms are directly 
bonded to each other. This tendency is at a maximum with carbon, where an 
almost infinite number of compounds are formed. 

Bonding between two different atoms is seldom completely covalent, 
because if the electronegativity values of the two atoms are different, then the 
bonding electrons are not equally shared, and hence the bond has some ionic 
character. Thus although the bonding in HF has some ionic character, it is not 
strictly ionic, and these hydrides are different from the salt-like hydrides. 


Metallic or Interstitial Hydrides 


The remaining elements—the d-block or transition elements and Be and Mg 
from the s-block—form metallic hydrides if they react with hydrogen at all. 
They are less dense than the parent metal, and the hydrogen is often absorbed 
reversibly by the metal. The chemical composition is variable; that is, they are 
nonstoichiometric. The hydrogen seems to occupy interstitial positions in the 
metal lattice and so forms a solid solution. In most cases these hydrides have 
properties which closely resemble those of the parent metals, and their strongly 
reducing properties suggest that the hydrogen is present in the atomic state. 

The hydrides of the f-block elements (lanthanides and actinides) are more 
difficult to classify. Compositions such as LaH;.;,, CeH,.,. апа ThH,,,, are 
found. The fact that they are less dense than the parent metal suggests а 
similarity to the interstitial hydrides. On the other hand, their electronegativity 
values are fairly close to those of Group I and II metals, and they have fairly 
high heats of formation; they may be regarded as a transition between the salt- 
like and interstitial types. 


The Hydrogen Ion 


The energy required to remove the electron from a hydrogen atom (i.e. the 
ionization energy of hydrogen) is 1311 kJ mol-!, This is a very large amount of 
energy, and consequently the bonds formed by hydrogen are mainly covalent. 
Hydrogen fluoride is the compound most likely to contain H*, since it has the 
greatest difference in electronegativity, but even here the bond is only 4596 
ionic. Thus hydrogen can only form the hydrogen ion if its compounds are dis- 
solved in media which solvate protons, and where the solvation energy pro- 
vides sufficient energy to offset the very high ionization energy of hydrogen. 
Thus in water, solvated hydrogen ions H,O+ occur, the heat of solvation being 
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1091 kJ mol-!. Compounds which form solvated hydrogen ions in a suitable 
solvent are acids. It is customary to write H* for a solvated hydrogen ion 
H, 0+, though this is not strictly correct. ) 


Acids and Bases 
Arrhenius Theory 


In the early stages of chemistry, acids were distinguished by their sour taste 
and their effect on certain plant pigments such as litmus. Bases were sub- 
stances which reacted with acids to form salts. Water was used almost ex- 
clusively for reactions in solution, and in 1884 Arrhenius suggested the theory 
of electrolytic dissociation and proposed the self-ionization of water 


H,O = Н+ + OH- 
Thus substances producing H* were called acids, and substances producing 


OH- were called bases. In aqueous solutions the concentration of H* is often 
given in terms of pH, where 


1 
рН = loin] 


where [H*] is the concentration, or more strictly the activity of the hydrogen 
ions. 

Until the turn of the nineteenth century it was thought that water was the 
only solvent in which ionic reactions could occur. Studies made by Cady 
(1897) and by Franklin and Kraus (1898) on reactions in liquid ammonia, and 
by Walden (1899) on reactions in liquid sulphur dioxide revealed many 
analogies with reactions in water. These analogies suggested that the three 
media were ionizing solvents and could be useful for ionic reactions, and that 
acids, bases and salts were common to all three systems. 

Although water is still the most widely used solvent, its exclusive use limited 
chemistry to those compounds which are stable in its presefice. Non-aqueous 
solvents are now used increasingly in inorganic chemistry because many new 
compounds can be prepared which are unstable in water, and some anhydrous 
compounds can be prepared such as anhydrous copper nitrate, which differ 
markedly from the well known hydrated form. The concepts of acids and bases 
based on the aqueous system need extending to cover non-aqueous solvents. 


Bronsted-Lowry Theory 


In 1923, Bronsted and Lowry defined acids and bases in terms of the hydro- 
gen ion or proton, in an attempt to extend the scope of acid base systems to 
cover all proton solvents. It should be emphasized that bases need not contain 
OH- under this system. Acids were defined as proton donors, and bases as 
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proton acceptors. This theory extends acids and bases to cover all proton sol- 
vents. Every acid has a conjugate base 


Adi HI d HE 
acid conjugate 
base 
HCl+H,O=H,Ot+ CL 
acid conjugate 
base 


In the above reaction, НСІ is an acid since it donates protons, and CI is its 
conjugate base. Since H,O accepts protons it is a base, and H ,O* is its conjug- 
ate acid. A strong acid has a weak conjugate base and vice versa. The extent to 
which a dissolved substance can act as an acid or a base depends largely on the 
solvent. The solute only shows acidic properties if its proton-donating properties 
exceed those of the solvent, and HF is forced to act as a base in liquid HCIO, 
as solvent 


HCIO, + HF = H;F*  CIO,- 


Mineral acids in water as solvent all have a much stronger tendency to donate 
protons than does water. The mineral acids all donate protons to the water, and 
ionize completely. Such a solvent is called a levelling solvent, because it makes 
all the mineral acids of much the same strength. Differentiating solvents such 
as glacial acetic acid emphasize the difference in acidic strength, and several 
mineral acids are only partially ionized in this solvent. This is because acetic 
acid is a poor proton acceptor but a rather better proton donor. This behaviour 
also means that a solute which acts as a weak base in water behaves as a 
strong base in acetic acid; the solvent thus exerts a levelling effect on bases. 


Lewis Theory 


Lewis widened the definition of acids and bases so that they did not depend 
on the presence 6f protons, or involve reactions with the solvent. He defined 
acids as materials which accept electron pairs, and bases as substances which 
donate electron pairs. Thus a proton is a Lewis acid and ammonia a Lewis 
base since the lone pair of electrons on the nitrogen atom can be donated to a 
proton 


H+ + XNH, > [H < NH,I* 


Similarly hydrogen chloride is a Lewis acid because it can accept a lone pair 
from a base such as water though this is followed by ionization 


Н,0 + НСІ > [Н,О > HCI] ^ H,0* + CI- 


Though this is a more general approach than that involving protons, many 
substances not normally regarded as acids are Lewis acids, for example BF; 
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NH, + BF, > [H,Nx > BF,] 
NH, + Ар? > [H,NX > Agl* 


Further there is no scale of acid or basic strength as these depend on the reac- 
tion, and almost all reactions become acid/base reactions under this system. 


The Solvent System 


Perhaps the most convenient general definition of acids and bases is due to 


Cady and Elsey (ref. 31). 
Consider any solvent which undergoes self-ionization: 


2H,0 = H,0* + OH- 
2NH, = NH,* + NH,~ 
2BrF, = BrF,* + BrF,~ 
N,0, = NO* + NO, 


Acids are substances that increase the concentration of the positive ions 
characteristic of the solvent, and bases are substances which increase the con- 
centration of the negative ions characteristic of the solvent. Thus in water, 
substances providing protons are acids, and substances providing hydroxyl 
ions are bases. Similarly in liquid ammonia, ammonium salts are acids since 
they provide NH,* ions, and sodamide NaNH, is a base since it provides 
NH, ions. In N,O, as solvent, NOCI is an acid and NaNO; is a base. Clearly 
this definition applies equally well to proton and non-proton systems. 


Problems 


1. (a) How does the size of atoms vary from left to right in a period, and on descend- 
ing a group in the periodic table? What are the reasons for these changes? 
(b) Can you explain the large atomic radii of the inert gases? 
(c) Why is the decrease in size between Li and Be much greater than that between 
Na and Mg or K and Ca? 


2. (a) What is the correlation between atomic size and ionization energy? 

(b) Account for the fact that there is a decrease in first I.E. from Be to B, and Mg 
to Al. я 

(с) Suggest the reason for the decrease in first LE. from N to O, and P to S. 

(d) Explain why the substantial decrease in first LE. observed between Na and K, 
and Mg and Ca is not observed between Al and Ga. 

(e) What is the significance of the large increase in the third LE. of Ca and the fifth 
LE. of Si? 

(f) Why is the first LE. of the transition elements reasonably constant? 


3. (a) What is electronegativity, and how is it related to the type of bond formed? 
(b) What are Fajans' rules? 
(c) Predict the type of bonds formed in HCI, CsCl, NH,, CS, and GeBr,. 
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4.. Use a modified Born-Haber cycle suitable for the estimation of electrode potentials 
to explain: 
(a) why Li is as strong a reducing agent as Cs; 
(b) why Ag is a noble metal and K a highly reactive metal. 


5. (a) What are the standard electrode potentials, and how are they related to the 

electrochemical series? 

(b) Explain the recovery of copper from solution using scrap iron. 

(c) How it is possible to preferentially deposit metals electrolytically, e.g. Cu Ni 
and Zn from a solution containing all three? 

(d) Why is it possible to obtain zinc by electrolysis of an aqueous solution even 
though the electrode potentials would suggest that the water should decompose 
first? 


6. (a) Explain why Cu* disproportionates in solution. 
(b) Explain why the standard reduction potentials for Cu?* + Cut and Cut + Cu 
are +0-15 and +0-50 volt, respectively, yet that for Cu?* > Cu is +0-34 volt. 


7. Name the eight most abundant elements in the earth’s crust and place them in the 
correct order. 


8. Use the Ellingham diagram for oxides to find: 
(a) if Al will reduce chromium oxide, 
(b) at what temperature C will reduce magnesium oxide, and 
(c) at what temperature mercuric oxide will decompose into its elements. 
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CHAPTER 4 


s-BLOCK ELEMENTS 


Group I—Alkali Metals (Table 4.1) 


TABLE 4.1 

OC RR ллы р cl 

Element Symbol Electronic structure 
Lithium Li [He] 2s! 
Sodium Na [Ne] 3s! 
Potassium K [Ar] 4s! 
Rubidium Rb [Kr] 5s! 
Caesium Cs [Xe] 6s! 
Francium Fr [Rn] 7s! 
ытаа ИЧ rE ШЫНА 


Electronic Structure 


The elements of Group I all have one electron in their outer orbital—an s 
electron in a spherical orbital. Ignoring the filled inner shells the electronic 
structures may be written: 251, 351, 4s', 551, 6s! and 7s!. Because of similar- 
ities in the electronic structures of these elements, many similarities in 
chemical behaviour would be expected. The elements are typically soft, 
highly reactive, univalent metals, which form colourless ionic compounds. 
Li shows considerable differences from the rest of the group. 


General Properties 


The atoms are the largest in their Corresponding period in the periodic table, 
and when the outer electron is removed to give a positive ion, the positive 
charge on the nucleus is greater than the number of electrons so that the 
electrons are attracted towards the nucleus, and the ion is smaller than the cor- 
responding atom. Even so, the ions are very large, and increase in size from Li 
to Fr when extra shells of electrons are added. Because of their large size, these 
elements have a low density. Because the outer orbital electrons are a long way 
from the nucleus, they are relatively easy to remove; hence the ionization 
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energies are low. As the size of the atom increases, the electrons are further 
away from the nucleus and are less strongly held, so the ionization energy 
decreases. 

These elements may emit electrons when irradiated with light—hence the 
use of caesium and potassium in photoelectric cells. Electrons may also be ex- 
cited to a higher energy level, for example in the flame test. When the electron 
drops back to its original position it gives out the extra energy it obtained. The 
energy E is related to the wave number v: E = hv (where h is Planck’s constant) 
and it appears as visible light giving the characteristic flame colourations (Li 
crimson, Na yellow, K lilac, Rb & Cs violet-blue). 

If a solution of Group I salt is injected into an oxygen-gas flame in a flame 
photometer, the intensity of the flame coloration produced by the metal can be 
measured. The colour actually arises from electronic transitions in atoms, 
which are formed momentarily in the flame. By matching against the intensities 
of known standards, the concentration of the original solution can be found. 

The electronegativity values for the elements in this group are very small. 
Thus when these elements react with other elements to form compounds, a 
large electronegativity difference between the two atoms is probable, hence ionic 
bonds are formed. The chemistry of the alkali metals is largely that of their 
ions. 


TABLE 4.2 

Atomic Ionic Density Ionization Electro- М.р. Abun- 
radius radius energy negativity dance in 

i earth's 

crust 

À А g/cc kJ mol! °С ррт. 

Li 1.23 0-60 0-54 520 1-0 181 65 
Na 1-57 0.95 0-97 496 0-9 98 28 300 
K 2-03 1-33 0-86 419 0-8 63 25 900 
Rb 2.16 1-48 1-53 403 0.8 39 310 
CS TASS 1.69 1-87 375 0-7 29 7 


Ionic compounds are formed because the heat of formation is negative. The 
whole series of energy changes involved starting from the elements and finish- 
ing with an ionic crystal are shown in the Born-Haber cycle: 


+ Ht. sublimation S 


Ма, 
Ма) + Clg 
1 * jht. dissociation D 
2Cl;(g 
-AH, * lonization — Electron 
ht. of energy affinity 
formation IE EA 


— Lattice energy К, c 
Na Салаат SS Ма, Cli 
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Ву Hess’s law 
—AH, = +S +10 + ІЕ– ЕА – О 


These energy terms are shown in Table 4.3. A considerable amount of energy 
is used to produce the ions (sublimation, dissociation and ionization energies), 
and the fact that ionic solids are formed is because an even larger amount of 


TABLE 4.3 Enthalpy (AH) Values for MCI (all values in kJ mol-!) 


Sublimation №. Ionization Electron Lattice TOTAL 
energy dissociation ^ energy affinity energy = ht. of 
МоМо #Cl,>Cl М-М. Cl+Cr formation 
Li 218-0 121-5 520 —48 —845 —33.5 
Na 108-5 121-5 496 —48 —778 —100.0 
K 89.9 121-5 419 —48 —699 —116-6 
Rb 85-8 121-5 403 —48 —673 —110.7 


eS 


energy is evolved, mainly from the lattice energy and to a smaller extent the 
electron affinity, resulting in a negative value for -AH,. Ionic compounds may 
be formed in solution, when a similar cycle of energy changes must be con- 
sidered, but the hydration energies of the positive and negative ions must be 
substituted instead of the lattice energy. 

At normal temperatures all the metals adopt a body-centred cubic type of 
lattice, with a coordination number of 8. (At very low temperatures Li forms a 
hexagonal close-packed structure.) Bonding in metals is discussed in Chapter 2 
in terms of delocalized molecular orbitals or bands, extending over the whole 
crystal. Since there is only one valency electron in Group I elements which can 
Participate in bonding, compared with two or more electrons in most other 
metals, the alkali metals have a low cohesive energy and are soft. As the atoms 
increase in size Li > Cs there is more repulsion from the non-bonding 
electrons, resulting in a decreased cohesive energy and an increased softness. 
The generally low values for cohesive energy and the decrease in values down 
the group is reflected in the very low values of melting and boiling points, which 
decrease as size increases. 

The melting point of lithium is rather different from the others and, in 
general, the first element in each group differs appreciably from the rest of the 
group. 

Sodium and potassium are the sixth and seventh most abundant elements in 
the earth’s crust. The largest source of sodium is rock salt (NaCl). Potassium 
occurs as KCl in sea water, and as carnallite KCI -MgCl, .6H,O deposits. 

Francium does not occur appreciably in nature because it is radioactive and 
has a short half-life period of 21 minutes. 

The metal ions all have inert gas configurations; thus they have no unpaired 
electrons and are diamagnetic and colourless. In fact, all the compounds 
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formed by Group I metals are white, except those where the acid radical is 
coloured, e.g. chromates and permanganates. 


Chemical Properties 


Chemically these elements are very reactive and tarnish rapidly in air to 
form the oxide (and the nitride in the case of lithium). 

Lithium nitride is ruby red in colour, and is ionic. On heating to a high tem- 
perature it decomposes to the elements, and it reacts with water giving am- 
monia. The other elements do not form nitrides. : 


Li,N + 3H,0 > 3LiOH + NH, 


On descending the group from lithium to caesium, the reaction with water 
increases in violence, liberating hydrogen and forming hydroxides which are 
the strongest bases known. 

The standard electrode potentials are Li = —3-05 volts, Na = —2-71, K = 
—2.93, Rb = —2-92, Cs = —2-92. Li has the highest standard electrode poten- 
tial, largely because of its high hydration energy, and so it liberates more 
energy than the other elements when it reacts with water. The fact that K 
catches fire when it reacts with water, and the reaction of Na with water is less 
violent while the reaction of Li is even less vigorous is related to the 
kinetics—that is the rate at which the reaction proceeds—rather than the 
total amount of energy liberated. 

Sodium hydroxide is produced on a large scale by the electrolysis of brine 
(Nelson or Castner Kellner processes), or from Na,CO, with lime or ferric 
oxide (Gossages and Ferrite processes). Oxides are formed when the metals are 
burnt in air; lithium forms the monoxide Li,O; sodium forms the peroxide 
Na,O, and the others form superoxides of the type MO,. The monoxide is ionic 
2Li* and O?-; the peroxide contains the [-O—O-]?- ion and the superoxide ion 
О,” contains as unpaired electron, which makes it paramagnetic and coloured. 


Li,O + H,O > 2LiOH 
Na,O, + 2Н,0 + 2NaOH + Н;0, 
KO, + 2H,0 ^ KOH + H,O, + 40, 

The bonding in peroxides and superoxides is described in the examples of 
molecular orbital treatment in Chapter 2. The peroxides may be coloured 
because of defects in the crystals, and superoxides are also coloured— partly 
because of defects and partly because of the presence of unpaired electrons. 
The increasing stability of the peroxides and superoxides with the larger metal 
ions is noteworthy, and illustrates the stabilization of large cations by large 
anions—since this gives rise to a high lattice energy. The other oxides are pre- 
pared by dissolving the metal in liquid ammonia and causing it to react with the 
appropriate amount of oxygen. The typical oxides М,О are strongly basic ox- 
ides, which react with water, forming strong bases. These caustic alkalis are the 
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TABLE4.4 Enthalpy AH Values for Group I Iodides at 25 °С f 


Hydration energy Total hydration Lattice energy | 
епегру | 
kJ mol"! kJ mol! kJ mol! 

Lit  —519 I —305 Lil  —824 —763 
Nat —406 т 722303 Nal —711 —703 
K* —322 I- -—305 KI  —627 —647 
Rbt —293 I-,.—305 кы  —598 —624 
Сәт —264 I 305 Cs] —569 —601 


————————————————————? 


(AG = AH — TAS), and the inclusion of the small temperature and entropy 
term will affect the results slightly. 

The Group 1. fluorides and carbonates are exceptional in that their 
solubilities increase rapidly on descending the group (Table 4.5). Even though 
the hydration energy for LiF is considerably higher than for Lil, the fluoride 
has a low solubility because its lattice energy is even higher. - 


TABLE 4.5 Enthalpy AH and Solubility Values for Group I Fluorides 


Total hydration energy Lattice energy Solubility 
Mt +F- 
kJ mol! kJ mol! g/kg H,O 
LiF —1034 —1039 2.7 
NaF —921 —919 42.2 
KF —837 —817 923.0 
RbF —808 —779 1306-0 
CsF —779 —730 3670:0 


Solutions of Metals іп Liquid Ammonia 


All the metals of Group I, and to a lesser extent the elements Ca, Sr and Ba 
in Group П and the lanthanide elements Eu and Yb, dissolve directly in very 
high concentration in liquid ammonia. 


Element Solubility 


g metal/100 g NH, 
Li 10 
Na 25 
K 49 


These solutions conduct electricity better than any salt in any liquid, and the 
conductivity is similar to that of pure metals (specific conductivity of Hg = 
10* ohm-!; Na/NH, = 0-5 х 104; K/NH, = 0-45 x 10°). Conduction is due 
mainly to the presence of solvated electrons. 


— 
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In dilute solutions, the main species present are solvated metal ions and sol- 
vated electrons. The latter give a dark blue colour to the solution, but at con- 
centrations above 3M solutions are copper-bronze coloured and have a metallic 
lustre because metal ion clusters are formed. 

The metals are also soluble in other amines and find uses in organic and 
inorganic syntheses, where they act as powerful reducing agents which can 
reduce even an aromatic ring. 


Stability of Oxysalts (Carbonate, Bicarbonate and Nitrate) 


Because of the highly electropositive or basic nature of these metals, their 
oxysalts are quite stable. 

The carbonates are remarkably stable, and will melt before they eventually 
decompose into oxides at temperatures over 1000 °C. Li,CO, is considerably 
less stable and decomposes more readily. Since group I metals are so strongly 
basic, they also form solid bicarbonates. Apart from NH,HCO,, these are the 
only solid bicarbonates known, and they decompose to carbonates on gentle 
heating liberating CO,. 


2NaHCO, > Na,CO, + H,O + CO, 


Li is exceptional in that it does not form a solid bicarbonate, though it can exist 
in solution. All the carbonates and bicarbonates are soluble in water. Na,CO, 
is used as washing soda in hard water areas, and NaHCO, is used as baking 
powder. 

The nitrates are all very soluble in water, and solid LINO, and NaNO, are 
deliquescent. For the latter reason, KNO, is used rather than NaNO, in gun- 
powder. The solids are amongst the most stable nitrates, but on strong heating 
they decompose into nitrites 


NaNO, > NaNO, + 40, - 


Li differs from the others, and decomposes more readily than the others, form- 
ing the oxide 


2LiNO, > Li,O + 2NO, + 40, 


Halides 


Since Lit is the smallest ion, it would be expected to form hydrated salts 
more readily than the other metals. LiCl, LiBr and Lil form trihydrates 
LiX.3H,0, but the other alkali metal halides form anhydrous crystals. All the 
halides adopt a NaCl type of structure with a coordination number of six ex- 
cept for CsCl, CsBr and CsI which have a CsCl type of structure with a coor- 
dination number of eight. Rather more compounds adopt the NaCl type of 
structure than would be expected from the radius ratios of the ions r+/r-, and 
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the reason for this structure being adopted is because it gives the highest lattice 
energy (see Chapter 2, Ionic compounds of the type AX, and Lattice energy). 

The alkali metal halides react with the halogens and interhalogen com- 
pounds forming ionic polyhalide compounds 


KI + L > KIL] 
KBr + ICI > K[BrICI] 
KF + BrF, > K[BrF,] 


Extraction of the Metals 


The metals of this group are the strongest chemical reducing agents known, 
so are not prepared by reducing oxides. Since the metals are so electropositive 
they react with water, attempted displacement of one element from solution by 
another higher in the electrochemical series will be unsuccessful. Electrolysis of 
aqueous solutions in order to obtain the metal is also unsuccessful unless a 
mercury cathode is used, when it is possible to obtain amalgams, but recovery 
of the pure metal from the amalgam is difficult. They may all be isolated by 
electrolysis, usually of the fused halide with impurity added to lower the melt- 
ing point. Thus sodium is made by the Downs process (electrolysis of NaCl 
with CaCl, added) and up to two thirds CaCl, may be added to lower the 
operating temperature from 803 °C (m.pt. of NaCl) to 505 °C (тр. of 
NaCl/CaCl, eutectic). The small amount of calcium formed during the electro- 
lysis is insoluble in the liquid sodium, and dissolves in the eutectic mixture. The 
older Castner process (electrolysis of fused NaOH) has a low current 
efficiency, and is obsolete. 

Higher temperatures are needed to electrolyse KCl, and this results in the 
vaporization of the liberated potassium. Since sodium is a powerful reducing 
agent and is readily available, the modern method is to pass sodium vapour 
over molten КСІ іл a large fractionating tower 


Na + KCI > NaCl + К 


Compounds with Carbon 


If Li is heated with carbon, an ionic carbide Li,C, is formed. The other 
metals form similar carbides when heated with acetylene, or when acetylene is 
passed through a solution of the metal in liquid ammonia. 


Na + C,H, > NaHC, > Na,C, 


These compounds contain the carbide ion [C=C]?~ or [C2C—H]. On hydro- 
lysis these compounds give acetylene, hence they are termed acetylides. 


Na,C, + H,O + 2NaOH + C,H, 
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The metals K, Rb and Cs react with graphite by invading the space between 
the layers of carbon in the graphite lattice, forming highly coloured interstitial 
carbides that are nonstoichiometric, that is of variable composition, ranging 
from CK (grey), C4,K (blue) to a maximum invasion corresponding to C.K 
(bronze). (See Graphitic compounds Group IV in Chapter 5.) 


Organic Compounds 


The alkali metals replace hydrogen in organic acids forming salts such as 
sodium acetate CH,COONa and potassium benzoate C4H,.COOK. The 
sodium salts of the long chain palmitic, stearic, oleic and linoleic fatty acids are 
important as soap. 

The alkali metals form a number of alkyls and aryls. The Li compounds for 
example (LiCH,), are covalent, soluble in organic solvents, can be sublimed 
or distilled, and are frequently tetrameric or hexameric. They can be made 
from the appropriate chloride: 


‚ ether 2 
RCI + Li — ШК + LiCl 


n-butyl lithium is commercially available, and is ап extremely versatile reagent 
in preparative chemistry 

ШЕ + КІ > К-К 

ЫЕ + Н+ -> R-H 

LiR+Cl, -R-Cl 

LiR + ВСІ, —^ BR, 

ЫК + Hgl, ^ НЕК, 


Alkyls of Na, K, Rb and Cs are prepared 
2K + HgR, > Hg + 2KR 


These compounds are ionic МУКУ, and are extremely reactive. They catch fire 
in air, react violently with most compounds except nitrogen and saturated 
hydrocarbons, and are consequently difficult to handle. 


Complexes 


The alkali metals form covalent compounds such as the lithium and sodium 
alkyls LiCH, and NaC;H,. The metal ions are too large to form complexes 
readily, but chelate compounds with organic molecules such as salicaldehyde 
and acetylacetone are formed. The metal usually obtains a coordination number 
of four or six (see Fig. 4.1). 


Differences between Lithium and the Other Group I Elements 


In many respects lithium is atypical of Group I elements, but shows slight 
similarities with Group II elements, particularly Mg. As explained in the pre- 
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Fig. 4.1 Salicaldehyde and acetylacetone complexes. 


ionic charge 


vious chapter, this is due to the polarizing power | being similar 
(ionic radius)? 
for these two elements. The following points illustrate the anomalous properties 
of lithium and the diagonal relationship: 
1. The melting point and boiling point of Li are comparatively high. 
2. Liis much harder than the other Group I metals. 
3. Li reacts the least readily with oxygen forming the normal oxide, the 
higher oxides being unstable. 
4. Liis much less electropositive; therefore many of its compounds are less 
stable—Li,CO;, Li(NO,) and LiOH all form the oxide on gentle heating 


and no solid bicarbonate is known. 
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5. Unlike Group I, but like Group II, Li forms a nitride Li,N. 

6. Unlike the other Group I elements, Li reacts directly with C to form an 
ionic carbide. Group II elements all react similarly with C. 

7. Li has a greater tendency to form complexes than the heavier elements, 
and ammoniated salts such as [Li(NH,),]I exist as solids. 

8. Like the corresponding Mg salts, Li,CO,, Li,PO, and LiF are insoluble 
and LiOH is only sparingly soluble in water. 

9. Due to their covalent nature, the halides and alkyls of Li and Mg are 
soluble in organic solvents. 

10. The ion and its compounds are more heavily hydrated than those of the 

rest of the group. 


Group II—Alkaline Earth Metals (Table 4.4) 


TABLE 4.4 
Element Symbol Electronic structure 
Beryllium Be [He] 2s? 
Magnesium Mg [Ne] 3s? 
Calcium Ca [Ar] 4s? 
Strontium Sr [Kr] 552 
Barium Ba [Xe] 6s? 
Radium Ra [Rn] 7s? 


Electronic Structure 


All Group II elements have two s electrons in their outer orbital; ignoring the 
filled inner orbitals, their electronic structures may be written 257, 352, 4s?, 55°, 
6s? and 752, Being typically divalent, they form a well graded series of highly 
reactive metals, generally forming colourless ionic compounds and being less 
basic than Group I. Beryllium shows considerable differences from the rest of 
the group and diagonal relationship similarities with aluminium in Group III. 


General Properties 


Beryllium is unfamiliar, partly because it is not very abundant and partly 
because it is difficult to extract. It is found in small quantities as the silicate 
minerals phenacite Be,SiO, and beryl Be;ALSi;O;;. 

Magnesium and calcium are abundant and among the eight most common 
elements in the earth’s crust. Magnesium salts occur in some quantity in sea 
water, and as deposits of magnesite MgCO;, dolomite MgCa(CO,),, kieserite 
MgSO,.H,O and carnallite KMgCl,.6H,O. CaCO, is found extensively as 
calcite and limestone in many mountain ranges. 
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" Strontium and barium are much less abundant, but are well known because 
they occur as concentrated ores and are easy to extract, while radium is ex- 
tremely scarce and its radioactivity is more important than its chemistry. 

The atoms are large, but are smaller than the corresponding Group I element 
since the extra charge on the nucleus draws the orbital electrons in. Similarly 
the ions are large, but are smaller than those of Group I, especially because 
removal of two orbital electrons increases the effective nuclear charge even 
further. Thus, these elements are denser than Group I metals. Group II metals 
have two valency electrons which may participate in metallic bonding, hence 
the elements are harder than Group I, have higher cohesive energy, and have 
much higher melting points (see Table 4.5). The melting points do not vary 
regularly, mainly because the metals adopt different crystal structures (see 
Chapter 2, Crystal structures of metals). 


TABLE 4.5 


pate e o AE TET WE Sa Se i o ee 
Abundance Atomic  lonic Density Ionization Melting Electro- 


inearth's: radius radius energy point negativity 

crust M?* kJ mol“ 

p.p.m. А А glee lst 2nd 9c 
Be 6 0-89 0-31 1-8 899 1757 1277 1-5 
Mg 20 900 1-36 0-65 1-7 731 1450 650 1-2 
Ca 36 300 1-74 0-99 1-6 590 1145 838 1-0 
Sr 300 1-91 1-13 2-6 549 1064 768 1-0 
Ba 250 1.98 1-35 3-5 503 965 714 0-9 
Ra 1-3 x 10% 1-50 5.0 509 979 700 


The compounds are always divalent and ionic. Since the atoms are smaller 
than those in Group I, the electrons are more tightly held so that the energy 
needed to remove the first electron (first ionization energy) is greater than for 
Group I. Once one electron has been removed, the ratio of charges on the nuc- 
leus to orbital electrons is increased, so that the remaining electrons are more 
tightly held, and hence the energy needed to remove a second electron is nearly 
double that required for the first. The total energy required to produce gaseous 
divalent ions for Group II elements (Ist ionization energy + 2nd ionization 
energy) is over four times greater than the amount needed to ionize Group I 
metals. This very high energy requirement is more than offset by the hydration 
energy or the lattice energy being more than four times greater. 

The hydration energies of the ions are four or five times greater than for 
Group I elements, because of their smaller size and increased charge. 
АН iioa decreases down the group as the size of the ions increases. The solid 
compounds are also more heavily hydrated than those in Group I, ¢8- 
MgCl, .6H,0, CaCl,. 6H,0, BaCl, .2H,0. 
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Tonic radius _ AH pyaration 
kJ mol! 


Ве?+ 0-31 —2494 


Ме?+ 0-65 —1921 
Са?+ 0-99 —1577 
srt 1-13 —1443 
Ba? 1-35 —1305 


Since the divalent ions have an inert gas structure with no unpaired 
electrons, their compounds are diamagnetic and colourless, unless the acid 
radical is coloured. 


Anomalous Behaviour of Beryllium ы 


Beryllium differs from the rest of the group partly because it is extremely 
small and partly because of its comparatively high electronegativity. Thus 
when beryllium reacts with another atom, the difference in electronegativity is 
seldom large and beryllium is predominantly 2-covalent in its anhydrous com- 
pounds. Its salts are extensively hydrolysed to give the tetrahedral complex ion 
[Be(H,O),I?*. This increases the effective size of the beryllium ion, and stable 
ionic salts such as [Be(H,O),]SO,, [Be(H;O),] (NO,), and [Be(H;O),lCI, are 
known. 


He 


Electronic structure of Be atom I 


Be? ion | | Ki al 


Ве?* ion having gained four lone m xIxIx 
pairs from four oxygen atoms in 
water molecules 


sp? hybridization 
— tetrahedral 
The Be-O bond is strong, and this weakens the O—H bonds, hence there is a 
tendency to lose protons 
,H 
(н;О),Ве?+= О; —— (Hj0jBe*- О «H* 
“н ^H 
Beryllium salts are therefore acidic in pure water. The other Group II salts do 
not interact so strongly with water, and do not hydrolyse appreciably. 
Beryllium salts never have more than four molecules of water of crystal- 
lization, because there are only four orbitals available in the second shell of 
electrons, whereas magnesium can have a coordination number of six by using 
some 3d orbitals as well as 3s and 3p. 
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Solubility and Lattice Energy 


The solubility of most salts decreases with increased atomic weight, though 
this trend is reversed with the fluorides and hydroxides. Some lattice energy 
values for Group II compounds are listed in Table 4.6. The lattice energies are 


TABLE 4.6 Lattice Energies AH of Some Group П 
Compounds in kJ mol! 


MO MCO, MF, MI, 
Mg 5392313 493178 ^ . 22906. ! 22292 
Ca —3517 2986 —2610 —2058 
Sr азо) (0952718. 22459 
Ва —3120 —2614 20367 


much higher than the values for Group I compounds, because of the effect of 
the increased charge on the ions in the Born-Landé equation. (See Chapter 2.) 
Taking any one particular negative ion, the lattice energy decreases as the size 
of the metal increases. The hydration energy also decreases as the metal ions 
become larger (Table 4.7). For a substance to dissolve, the hydration energy 


TABLE 4.7 Enthalpies of 


Hydration AH in kJ mol"! 
Ве?+ —2494 
Mg?+ —1921 
Са —1577 
Sr?* —1443 


Ba?* —1305 


must exceed the lattice energy. On descending the group, the metal ions 
become larger and both the lattice energy and the hydration energy decrease. 
Decreasing lattice energy favours increased solubility, whilst decreasing hyd- 
ration energy favours decreased solubility. If, on descending the group the 
_ hydration energy decreases more rapidly than the lattice energy, the 
compounds become less soluble. This occurs with most of the compounds, but 
the fluorides and hydroxides increase in solubility on descending the group, 
because the lattice energy decreases more rapidly than the hydration energy. 


Chemical Properties 


The-metals are less electropositive than those in Group І, but still react with 
water to form hydrogen and metal hydroxides. Beryllium is not typical and 
there is some doubt whether it reacts with steam to form the oxide BeO, or fails 
to react at all. Magnesium decomposes hot water and the other metals react 
with cold water. Beryllium hydroxide Be(OH), is amphoteric; the others 
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increase in basic strength in the order Mg to Ba. Solutions of calcium hydrox- 
ide and barium hydroxide are used as lime water and baryta water to detect 


carbon dioxide. The effect of excess CO, on these is to produce soluble 
bicarbonates, thus removing the turbidity. 


Excess 
CO. 
Ca(OH); + СО, + CaCO, +H,O === Ca^"(HCOj,- 
insoluble soluble 
white 
precipitate 


These bicarbonates are only stable in solution and their decomposition to car- 
bonates is the reason for stalactite and stalagmite formation. 

All the elements in this group burn in oxygen to form oxides MO. They are 
also formed by thermal decomposition of MCO,, M(OH),, M(NO,), and 
MSO,. Beryllium oxide is covalent and has a 4:4 zinc sulphide (wurtzite) 
structure, but all the others are ionic and have a 6:6 sodium chloride type of ` 
structure. Attempts to predict the structure adopted from the sizes of the ions 
and the radius ratio aré only partly successful (Table 4.8). Whilst the correct 
structure is predicted for BeO, MgO and СаО, it should be noted that for SrO 
and BaO there is room for eight oxide ions to pack round the metal, but the 
lattice energy is more favourable for 6-coordination, hence the maximum coor- 
dination number is not adopted. 


TABLE 4.8 Radius Ratios and Coordination Numbers 


Oxide Radius ratio Predicted Coordination 

M?+/O?- coordination number found 
number 

BeO 0-22 4 4 

MgO 0-44 6 6 

CaO 0-56 6 6 

SrO 0-81 8 6 

ВаО 0-96 8 6 


As the atoms get larger, the ionization energy decreases and the elements 
become more basic. Thus beryllium oxide is insoluble in water but dissolves in . 
acids to give salts, and in alkalis to give beryllates, which on standing precipi- 
tate the hydroxide. It is therefore amphoteric. Magnesium oxide reacts with 
water forming magnesium hydroxide Mg(OH), which is weakly basic. Calcium * 
oxide reacts very readily with water, and calcium hydroxide Ca(OH), is a 
moderately strong base, while strontium and barium hydroxides are even stron- 
ger bases. The oxides are usually prepared by thermal decomposition of car- 
bonates, nitrates or hydroxides. The increase in basic strength is illustrated by 
the temperatures at which the carbonates decompose: ВеСО, < 100°C, 
MgCO, 540 °C, CaCO, 900 °С, SrCO, 1290 °C, BaCO, 1360 °C. Metal 
carbonates are always ionic, and BeCO, contains the hydrated ion 
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[Be(H,O),|?+ rather than Ве?+. Calcium oxide is prepared on a large scale by 
heating CaCO, in lime kilns and is used in the manufacture of Na,CO,, 
NaOH, CaC,, bleaching powder, glass and cement. The ease with which the 
peroxides are formed increases with size. Barium peroxide BaO, is formed by 
passing air over BaO at 500 °C. At high pressure and temperature, strontium 
peroxide can be formed. Calcium peroxide is not formed in this way, but can be 
made as the hydrate by treating calcium hydroxide with hydrogen peroxide 
and then dehydrating the product. Crude magnesium peroxide has been made 
using hydrogen peroxide, but no peroxide of beryllium is known. The peroxides 
are white ionic solids containing the [O-O]?- ion and can be regarded as salts 
of the very weak acid hydrogen peroxide. On treatment with acid, hydrogen 
peroxide is formed. 
The solubility of the sulphates in water decreases down the group, Be > Mg 
‚ > Ca > Sr > Ba, and CaSO, is almost insoluble. The significantly higher 
solubility of beryllium and magnesium is because the much smaller ions have 
very high solvation energies. CaSO,.4H,O is important as plaster of Paris. The 
sulphates decompose on heating, giving the oxides, and as with the carbonate 
the more basic the metal the more stable the salt. This is shown by the tem- 
peratures at which decomposition occurs 


BeSO,: 580 °C, MgSO, : 895 °C, CaSO,: 1149 °C, SrSO,: 1374 °C 


Meso, —"", MgO +50, 


Nitrates of the metals can all be prepared in solution and as hydrated salts 
by the reaction of HNO, on carbonates, oxides or hydroxides. Heating the 
hydrated solids decomposes them to the oxide but anhydrous nitrates can be 
prepared using liquid dinitrogen tetroxide. Beryllium is unusual in that it forms 
a basic nitrate in addition to the normal salt. 


№0, warm (50 °С) 120 °С 
BeCl, ——> Be(NO,),.2N,0, аы! Be(NO,), ——— Ве,О(№О,), 


Basic beryllium 
nitrate 
Basic beryllium nitrate has a structure similar to basic beryllium acetate (Fig. 
4.3), and is of interest because the NO, groups act as bidentate ligands, and 
are linked to two Be atoms. (See Chelates in Chapter 8 for discussion of 
multidentate groups.) 


All the elements except beryllium form hydrides MH, by direct com- 
bination, and impure beryllium hydride has been made by reducing beryllium 
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chloride with lithium aluminium hydride Li[AIH,]. They are all reducing agents 
which react with water and liberate hydrogen. Calcium, strontium and barium 
hydrides are ionic, and contain the hydride ion H-. Beryllium and magnesium 
hydrides are covalent and polymeric. (BeH,), presents an interesting structural 
problem. The polymeric solid contains hydrogen bridges between beryllium 
atoms 


Beryllium is bonded to four hydrogen atoms and hydrogen is forming two 
bonds. Since Be has two valency electrons, and H only one, it is apparent that 
there are not enough electrons to form the usual electron pair bonds in which 
two electrons are shared between two atoms. Instead of this, three-centre bonds 
are formed in which a ‘banana-shaped’ molecular orbital (or three-centre bond) 
covers three atoms Ве... Н: - - Be, and contains two electrons. This is an ex- 
ample of a cluster compound, where the monomeric molecule BeH, (formed 
with normal bonds) would result in only four electrons in the outer shell of the 
beryllium atom. This arrangement is termed ‘electron deficient’, and by cluster- 
ing each atom shares its electrons with several neighbours and receives a share 
in their electrons. Clustering is important in metals (Chapter 2) and the boron 
hydrides (Chapter 5). 

The metals all combine directly with the halogens at an appropriate tem- 
perature forming halides MX,. These may also be formed by the action of 
halogen acid on the metal, or the carbonate. Beryllium halides are covalent, 
hygroscopic and fume in air due to hydrolysis. They sublime, and they do not 
conduct electricity. Anhydrous beryllium halides are polymeric. Beryllium 
chloride vapour contains BeCl, and (BeCl,),, but the solid is polymerized like 
(BeH.),, and exhibits three-centre bonding and clustering. 


cl 
Cl-Be-Cl cl PERH с! 
БРА 
Мопотег Оітег 


Polymer 


The fluorides MF, are all almost insoluble. The other metal halides are ionic 
and readily soluble in water. The solubility decreases somewhat with increasing 
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atomic number, except among the fluorides. The halides are hygroscopic and 
form hydrates. CaCl, is a well known drying agent, and anhydrous MgCl, is 
important in the electrolytic extraction of magnesium. 

By contrast with elements in Group I, the alkaline earth elements burn in 
nitrogen and form nitrides M,N). It requires а lot of energy to convert the 
stable М, molecule into N?- nitride ions, and this is recovered from the very 
high lattice energies resulting from doubly charged ions in Group II or a very 
small size in the case of Li in Group I. (See Born-Landé equation, Chapter 2.) 

The beryllium compound is rather volatile; the others are not. They are all 
colourless crystalline solids which decompose on heating and react with water 
to liberate ammonia, and form either the metal oxide or hydroxide. 

Ionic carbides M C, are formed by heating the metals Mg to Ba or their 
oxides with carbon. These all have a sodium chloride type of structure with M?* 
replacing Na* and C=C% replacing Cl-. Calcium carbide is the best known; it 
reacts with water, liberates acetylene, and is thus called an acetylide. 


CaC, + 2H,0 > Ca(OH), + C,H, 


Beryllium forms Be,C with C, and BeC, with acetylene. The former is a metha- 
nide which liberates methane with water. MgC, on heating forms Mg;C ,which 
is an allylide since water liberates allylene (methyl acetylene). CaC, reacts with 
atmospheric nitrogen at 1100 °C forming calcium cyanamide CaCN,. The 
cyanamide ion [N=C=N]?- is isoelectronic with CO,, and has the same linear 
structure. CaCN, is produced on a large scale and used as a slow acting nitro- 
genous fertilizer, since it hydrolyses slowly. 


CaCN, + 49,0 > CaCO, + 2NH,OH 


This has the advantage that all the fertilizer is not washed away with the first 
rain storm. 

The metals all liberate hydrogen from acids, although beryllium reacts 
slowly. Sodium hydroxide also gives hydrogen when treated with beryllium, 
but has no effect on the other metals. This illustrates the increase in basic pro- 
perties from amphoteric to basic on descending the group. 

Most of the salts are soluble. The sulphates of calcium, strontium and 
barium are insoluble, and the carbonates, oxalates, chromates and fluorides of 
the whole group are insoluble. This is a useful factor in qualitative analysis. 


Organometallic Compounds 


Magnesium forms Grignard reagents, which are probably the most versatile 
reagents in organic chemistry, by treating magnesium with an alkyl or aryl 
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halide (Cl, Вг or I) in an absolutely dry organic solvent such as diethyl ether 


Mg+RBr> RMgBr 
Grignard reagent 


The Grignard reagents are normally solvated or polymerized with halogen 
bridges, and are thought to have the structures 


Tol „Р ap 2r. BIN, 
в” “ов БО "g^ “ОЕ: 
some typical reactions are 
(+ acid) 
C,H,MgBr + СО, —— C4H,.COOH 
(+ H,0) 
RMgBr + R,C=O met R,C.OH (tertiary alcohol) 
+ 
RMgBr +R.CHO ——> R,CHOH (secondary alcohol) 
RMgBr +1, —— RI 
RMgBr + Ht ——» RH 


RMgBr + ВеС > Век, 
RMgBr + ВСІ, —— BR, 
RMgBr  -SiCl ^ —— SiCh.R, SiCI,R,, SICIR, SiR, 


BeCl, reacts with Grignard compounds forming reactive alkyls and aryls. The 
compound Be(Me), is dimerized in the vapour state, and polymerized in the 
solid, with structures resembling those of ВеСі,, and showing three-centre 
bonding. Beryllium alkyls react with BeCl, 


BeMe, + BeCl, + MeBeCl 


The products are less reactive than the equivalent magnesium (Grignard) com- 
pounds. The alkyl and aryl chlorosilanes are important in the production of 
silicones (see Group IV). 


Complexes 


Group II metals are not noted for their ability to form complexes. Complex 
formation is favoured by small highly charged ions with suitable empty orbitals 
of approximately the right energy. Thus beryllium forms many complexes and 
barium very few. Beryllium fluoride BeF, readily coordinates extra fluoride 
ions forming [BeF,]- or [BeF,]?-; the tetrafluoroberyllates M{BeF,)?~ are 
well known and resemble the sulphates in properties. In most cases beryllium is 
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four-coordinate in complexes and the tetrahedral arrangement adopted correl- 
ates with the orbitals available for complex formation 


Is... 2s 2p 
m] m) LII] 


Electronic structure no unpaired electrons 

of beryllium atom— so no covalent bonds 

ground state 

Electronic structure two unpaired electrons 

of beryllium atom— GEN can form two covalent 

excited state bonds 

Electronic structure т 

of beryllium in I| [ | 

gaseous BeF, 

Electronic structure ; n two F- ions each donate 

of beryllium in an electron pair into an 

[BeF,]?- ан с ORNA empty orbital forming a 
sp? hybridization coordinate bond 

tetrahedral 


In a similar way BeCl,.D, (where D is an ether, aldehyde or ketone with an 
oxygen atom with a lone pair of electrons which can be donated) and 
[Be(H;O),I?* are tetrahedral. Many stable chelate compounds of beryllium are 
known, for example if beryllium hydroxide is evaporated with acetic acid, basic 
beryllium acetate Be,O(CH,COO), is formed. This is covalent and a central 
oxygen atom is surrounded by four beryllium atoms, the six acetate groups be- 
ing arranged along the six edges of the tetrahedron (see Fig. 4.3). This complex 
is covalent, and can be distilled. This is useful in the purification of beryllium. 
Other chelate complexes include beryllium oxalate, catechol and acetyl acetone 
and in all of these the beryllium ion is tetrahedrally surrounded (see Fig. 4.4). 
The extreme toxicity of beryllium compounds is probably due to their very high 
solubility and their ease of complex formation. 


2- 
F Be 

Ac am 

F Be 
F Be 
Ac 
Ас. 
Ве 

Fig. 4.2 Tetrafluoroberyllate com- Fig. 4.3 Basic beryllium 


plex ion [BeF,]?-. acetate complex Ве,О(Ас)е. 
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Fig.4.4 Beryllium oxalate ion complex [Be(ox),]?-. 


The most important complex formed by magnesium is chlorophyll, the green 
plant pigment which can produce sugars and on which all life ultimately de- 
pends 


chlorophyll 


6CO, + 69,0 ане 


C,H,,0, + 60, 
glucose 


The magnesium is at the centre of a flat organic ring system called a 
porphyrin, in which four heterocyclic nitrogen atoms are bonded to the 
magnesium (see Fig. 4.5). Calcium and the rest of the group only form 
complexes with strong complexing agents such as acetyl acetone, 
CH,.CO.CH,.CO.CH, (which has two functional oxygen atoms) and 
ethylenediaminetetraacetic acid, EDTA, which has four functional oxygen 
atoms and two donor nitrogen atoms in each molecule. 

R Ry 


Rs Ra 
Fig.4.5 Skeleton of chlorophyll molecule. 
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но(@)с.сн„ CH,.C(@)OH 
CH,—CH. 
но(О)с.сн, Сн,.с(О)он 


EDTA will form complexes with most metal ions in solution provided that ће 
PH is carefully controlled. Titrations are performed using EDTA in buffered 
solutions to estimate the amounts of Ca?* and Mg?* present in water, to deter- 
mine the ‘hardness’ of the water. 


Extraction of the Metals 


‘The metals of this group are not easy to produce by chemical reduction 
because they are strong reducing agents and they form carbides. They are 
strongly electropositive and so aqueous solutions cannot be used for displacing 
one metal by another, or for electrolysis, because of the reaction of the metal 
with water. A mercury cathode can be employed in electrolysis, but recovery of 
the metal from the amalgam is difficult. All the metals can be obtained by 
electrolysis of the fused chloride, with sodium chloride added to lower the melt- 
ing point, although strontium and barium tend to form a colloidal suspension. 

In older processes, BeO is extracted from Beryl Be,Al,Si,O,, by heat treat- 
ment or fusion with alkali, followed by treatment with sulphuric acid to give the 
soluble BeSO,. Addition of NH,OH gives Be(OH), which on heating gives 
BeO. This has ceramic properties, and is used in nuclear reactors. Alternatively 
beryllium is extracted from the silicate minerals by treatment with HF forming 
the soluble complex sodium tetrafluoroberyllate Na,[BeF,], and converting this 
to the hydroxide and then to the oxide. Beryllium itself is prepared by convert- 
ing the hydroxide to BeCl, by heating with carbon and chlorine, followed by 
electrolysis of the fused chloride. Alternatively beryllium is obtained by reduc- 
ing BeF, with magnesium. Beryllium has a very low neutron cross-section, that 
is it does not absorb neutrons very readily, so it is used in the nuclear energy 
industry. It is also transparent to X-rays, and is used as a window in X-ray 
tubes. Very pure beryllium and beryllium oxide have been used in nuclear reac- 
tors, the basic acetate being made, distilled under reduced pressure and then 
decomposed by heating. 

Magnesium is an important structural metal. It forms many alloys and also 

Grignard reagents such as C,H,MgBr. It was formerly prepared by heating 
magnesium oxide and carbon to 2000 °С and shock-cooling the gas to avoid 
a state of equilibrium 


MgO + C 2 Mg + CO 
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It is now prepared commercially by the Pidgeon process by reduction of mag- 
nesium oxide with ferrosilicon and aluminium. The magnesium oxide is ob- 
tained by treating sea water, which contains Mg?* ions, with calcined dolomite 
MgCa(CO,),. Magnesium hydroxide is precipitated, and can be filtered off 
and heated to give the oxide. 

Calcium is obtained by heating CaCO, to give the oxide CaO, treating with 
NH,CI and water to give CaCl, followed by electrolysis of the fused chloride. 

Strontium and barium are obtained from their oxides by reduction with 
aluminium (a thermite reaction). 


Differences between Beryllium and the Other Group II Elements 


Beryllium is anomalous in many of its properties and shows a diagonal 
relationship to aluminium in Group III: 

1. Be is very small and has a high charge density so by Fajans’ rules it 
should have a strong tendency to covalency. Thus the melting point of 
its compounds is lower (BeF, m.pt. 800 °C, rest of group about 
1300 °C) and they are all soluble in organic solvents and hydrolyse in 
water rather like the compounds of aluminium. 

2. Be forms many complexes—not typical of Groups I and II. 

. Be like Al is rendered passive by nitric acid. 

4. Be is amphoteric, liberating H, with NaOH and forming beryllates. Al 
forms aluminates. 

Be(OH), like Al(OH), is amphoteric. 

6. The salts are extensively hydrolysed. 

7. The halides are polymeric, with multicentre bonding associated with 
electron deficiency. BeCl, usually forms chains but also exists as the 
dimer, whilst AICI, is dimeric. 

8. The hydrides and alkyls are also polymeric. 

9. Be salts are among the most soluble known. 

10. Be,C, like Al,C;, yields methane on hydrolysis. 


w 


Gal 


Problems 


1. Why are Group I elements: 
(a) univalent; 
(b) largely ionic; 
(c) strong reducing agents; 
(d) poor complexing agents; 
(e) why have they the lowest ionization energy in their periods? 


2. Lithium is the smallest ion in Group I, and would be expected to have a higher 
ionic mobility and thus conduct electricity better than caesium. Explain why this 
is not so. 
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- Group I elements generally form very soluble compounds. How are they detected 


and confirmed in qualitative analysis? 


- Why and in what ways does Li resemble Group II metals? 
. What chemicals are obtained industrially from sodium chloride? Outline the 


processes. 


. Why are the Group I metals soft, low melting and of low density? (Refer back to 


Chapter II, General properties of metals.) 


. What products are formed when Group I metals are burnt in oxygen? How do 


these products react with water? Use the molecular orbital theory to describe the 
structure of the oxides formed by sodium and potassium. 


8. Explain the difference in reactivity of the Group I metals with water. 


10. 


11. 


12. 


185 


14. 
15. 


16. 


17. 


18. 
19. 


20. 


21. 


. Draw the crystal structures of NaCl and CsCl. What is the coordination number 


in each case? Explain why these two salts adopt different structures. 


Which of the following methods would you use to extinguish a fire of Li, Na or K? 
(a) water 

(b) nitrogen 

(c) carbon dioxide 

(d) asbestos blanket 


Compare the extent of hydration of Group I and Group II halides. Why do Be 
salts seldom contain more than four molecules of water of crystallization? 


Compare the reaction of Group I and Group II metals with water. How does the 
basic strength of Group II hydroxides vary within the group? Is this trend typical 
of the rest of the periodic table? 


The four general methods of extracting metals are thermal decomposition, dis- 
placement of one element by another, chemical reduction, and electrolytic reduc- 
tion. How are Group I and Group II metals obtained and why are the other 
methods unsuitable? : 


Why are Group II elements smaller than their Group I counterparts? 


Why are Group II metals harder, and have higher melting points than Group I 
metals? 


What is the reason why Be and to a lesser extent Li tend to form covalent com- 
pounds? 


What is the structure of BeCl, in the gas, and as a solid? Why is BeCl, acidic 
when dissolved in water? 


Describe the difference in structure between BeH, and CaH,. 


Outline the preparation, properties, structure and use of basic beryllium acetate. 
What precautions are necessary when handling beryllium compounds? 


What are the usual coordination numbers for Ве?+ and Mg?*? What is the reason 
for the difference? 


The hardness of water may be ‘temporary’ or ‘permanent’. 

(a) Describe the causes and treatment of each. 

(b) Find how naturally occurring zeolites, synthetic ion exchange resins and poly- 
phosphates may be used for water softening. 
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(с) How may the complexing agent EDTA be used to measure the amounts of 
Са?+ and Mg?* present in water? (Refer to a practical book for details.) 


22. Describe how you would prepare a Grignard reagent from Mg, and list five dif- 
ferent uses of the reagent in preparative reactions. (Refer also to the section on 
silicones.) 


23. Why do the halides and hydrides of Be polymerize? 
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CHAPTER 5 


p-BLOCK ELEMENTS 


Group Ш (Table 5.1) 
ү TABLE 5.1 
Element Electronic configuration Oxidation Coordination 

states* numbers 

Boron B [He] 2s? 2p! ш dd 

Aluminium Al [Ne] 3?3p (D Ш 346 

Gallium Ga [Аг] За! 452 4p! I ш 3 (4) 6 

Indium In [Kr] 4d'9 5s? 5p! ї ш 3 (4) 6 

Thallium Tl [Xe] 4/14 5019 6s? 6p! I I 3 6 


* In all the tables of oxidation states in this book, the most important states are in bold print. 
These are generally the most abundant and most stable. Well characterized, but slightly less 
important states are in ordinary print. Oxidation states which are unstable, or in doubt, 
are given in brackets. 


General Properties 


Boron is a nonmetal, but the other elements in this group (Table 5.1) are 
fairly reactive metals. Aluminium is the third most abundant element in the 
earth's crust and is the most abundant metal, but the other elements are much 
less common. Boron occurs in the earth’s crust as borax Na,B,O,.10H,O. The 
most important ore of aluminium is bauxite Al,O,.H,O, but aluminium also 
occurs in many alumino silicate rocks and clays. There is however no econ- 
omical method of extracting Al from the silicate minerals though a process of 
this type was used in Germany during World War II. Gallium, indium and 
thallium are found as traces in zinc and lead sulphide ores. 

The elements all show an oxidation state of (+III). The small size of the ions, 
their high charge, and the large values for the sum of the first three ionization 
energies suggest that the elements are largely covalent. Boron is always cova- 

„lent and many simple compounds like AICI, and GaCl, are covalent when 
anhydrous. However, in solution, the large amount of hydration energy 
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evolved offsets the high ionization energy and all the metal ions exist in a 
hydrated state. Thus in AICI, the AH} gration Value for AP* of —4665 kJ mol"! 
plus three times the value for Cl- (3 x —381), gives a total of —5808 kJ mol", 
which more than offsets the 5114 kJ mol-! required to convert Al to AP*. 

The hydrated metal ions have six molecules of water which are held very 
strongly giving an octahedral structure. The strength of the metal-oxygen bond 
weakens the O-H bonds. Some hydrolysis occurs, and protons are released 
thus giving acidic solutions 


H ji 
(Н,0),М < Ca - [гом а +Ht 


The covalent radii of the atoms do not increase in a completely regular way 
from В to Т1 as was found on descending Groups I and II. This is because the 
inner electronic configuration of Ga, In and Т1 contains ten d electrons. These 
shield the nuclear charge-less efficiently than the s and p electrons, so the outer 
electrons are more firmly held by the nucleus. (Shielding decreases s > p > d 
> f) Thus atoms with a d!? inner shell are smaller and consequently have 
higher ionization energies than would otherwise be expected. In a similar way 
the inclusion of fourteen even more poorly shielding f electrons further affects 
the size and ionization energy of Tl. 


TABLE 5.2 
Abundancein Covalent Ionic radius Sum of first three Electro- 
earth's crust radius М? ionization energies negativity 
Мә Мз 
p.p.m. A A kJ mol"! 
B 3 0-80 0-20 6764 2.0 
Al 81300 1-25 0.52 5114 1-5 
Са 15 1-25 0-60 5500 1-6 
In 0-1 1-50 0-81 5066 1-7 
TI ~2 1-55 0-95 5413 1.8 


Unlike the s-block elements, some of the elements of this group show lower 
valency states in addition to the group valency. The heavier elements show an 
increased tendency to form univalent compounds, and in fact univalent thal- 
lium (thallous) compounds are the most stable. Monovalency is explained by 
the s electrons in the outer shell remaining paired, and not participating in bon- 
ding because the energy to unpair them is too great. This occurs particularly 
among héavy elements in the p-block and is called the inert pair effect. Gallium 
is apparently divalent in a few compounds, such as GaCl,, but the structure 
has been shown to be Ga*[GaCI,]- which contains Са(+1) and Са(+Ш). 


156 


Finely divided amorphous boron is usually impure and burns in air to form 
the oxide and nitride, and in the halogens to form trihalides. It reduces nitric 
and sulphuric acids and liberates hydrogen with sodium hydroxide. Pure 
‘crystalline boron is, in contrast, unreactive except at very high temperatures or 
with reagents such as hot concentrated sulphuric acid or sodium peroxide. 

The metals Al, Ga, In and Tl are silvery white. Aluminium is stable in air 
because it develops an oxide film which protects the metal from further attack. 
If the oxide covering the metal is removed and not allowed to protect the metal, 
for example by amalgamating with mercury, the metal is rapidly oxidized and 
decomposes cold water. Gallium and indium are stable in air and are not at- 
tacked by water except when free oxygen is present. Thallium is a little more 
reactive and is superficially oxidized in air. 


Reduction Potentials 

Acid solution Basic solution 
Oxidation state 
+11 +1 +! 0 4111 +1 0 
Ap* 21:66 Al Ацон), ——2"3" — д 
OUEST Sa ч солды HiGa0,-——-- ca 
al шз a LN мон, ——— 9 — in 
pe me a | 
т ais Tem л ic a 


Electropositive Character 


The electropositive or metallic nature of the elements increases from boron 
to aluminium and then decreases from aluminium to thallium. The increase in 
electropositivity from B to Al is the usual trend associated with increased size. 
However, B and Al follow immediately after the s-block elements, while Ga, In 
and TI follow after the d-block. These extra d electrons do not shield the nuc- 
lear charge very effectively, so that the orbital electrons are more firmly held, 
and the metals are less electropositive. This is illustrated by the increase in ion- 


ization energy between Al and Ga even though th 
ted to have a lower value. rhon irit mii € 
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Boron Sesquioxide and the Borates 


Sesquioxides MO, of all the elements can be made by heating the elements 
in oxygen, though B,O, is more usually made by dehydrating boric acid: 


100°C red heat 
H,BO, — —— НВО, ————> B0, 
orthoboric metaboric 
acid acid 


As might be expected of a nonmetallic oxide, boron sesquioxide is acidic in its 
properties and is the anhydride of orthoboric acid. On heating with metal 
oxides it gives metaborates which often have characteristic colours. This is the 
basis of the borax bead test: 


CoO +B,0,+ Со(ВО,), 
cobalt metaborate 


Boron sesquioxide can react with very strongly acidic oxides such as ` 
phosphorus or arsenic pentoxides, forming a phosphate and an arsenate, and 
in these particular reactions it is being forced to behave as a base. 


В,О, + B,0, > 2BPO, 
Orthoboric acid H,BO, behaves as a weak monobasic acid. 


H,BO, + H,O = H+ + [B(OH)]- pK = 9-00 


OH HO, OH- 
| х4 
в 
но” “он но “он 
plane triangle tetrahedral metaborate ion 


At higher concentrations polymeric metaborate species are formed, for 
example 


3H,BO, = Н+ -[B,O(OH)]J- -2H,0 pK = 6-84 


HO 


`з—о Wr 


3—0 oH 
/ 


HO 


Thus on titration with NaOH: 
NalB(OH),] 
H,BO, + NaOH - | NaBO, + 29,0 
sodium 
metaborate 
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The addition of certain organic polyhydroxy compounds such as glycerol, 
mannitol or sugars makes the orthoboric acid a strong monobasic acid, and the 
end point of the titration is then easier to detect. The added compound must 
have OH groups on adjacent atoms in the cis configuration. The increase in 
acid strength occurs because the cis diol forms complexes and effectively 
removes [B(OH),]- from solution, thus upsetting the balance of the reversible 
reaction, hence all the Н,ВО, ionizes and the maximum number of Н+ are 
produced. 


S 0 S 
_C—OH Song pu eee 


OH- СО, о—с 

ОКЕ ж [ 

ЎсФон " Hó/ “он pas On >c—o Noi 

In the simple borates, each B atom is bonded to three oxygen atoms, ar- 

ranged at the corners of an equilateral triangle. This would be predicted from 
hybridization of the available orbitals, 
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4 2s 2p 
Boron atom—excited state 
Three singly occupied orbitals form bonds with three 
oxygen atoms—sp? hybridization—plane triangle 
Thus orthoboric acid contains triangular ВО,2- units, hydrogen bonded 
together into two-dimensional sheets (Fig. 5.1). The orthoborates contain dis- 
crete ВО ;?- ions, but in the metaborates these units are joined together forming 


G 5 
В i 


H H 
Fig. 5.1 Hydrogen bonded structure of orthoboric acid. 
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(4) 


Fig. 5.2 (a) Metaborate chain (СаВ,О,) made up of triangular BO, units. (b) 

Metaborate ring (K,B,O,) made up of triangular BO, units. (c) Complex metaborate 

(KH,B,O,,.2H,O) called the spiro anion, made up of four triangular BO, units and 

one tetrahedral BO, unit. (d) Borax (Na;B,O;. 10H,O) made up of two triangular and 

two tetrahedral units. This ion is [B,O,.2H,O]?, the other water molecules are 
associated with the metal ions. 


a variety of polymeric chain and ring structures (see Fig. 5.2). In many com- 
plex borates there are BO, tetrahedra in addition to BO, triangles. The most 
common metaborate is borax Na,B,0,.10H,0, which is a useful primary stan- 
dard for titrating with acids. 


Na,B,O,.10H,O + 2HCI + 2NaCI + 4H,BO, + 5H,O 
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Since one of the products H,BO, is itself a weak acid, the choice of indicator is 
important, and methyl orange is normally used. 
Sodium perborate is produced in large amounts, and contains peroxide 
linkages. 
NaBO, + H,O, > NaBO,.4H,O 
sodium metaborate sodium perborate 


It is used as a brightener in washing powders: it is effective at temperatures 
above 50 °С, and compatible with enzymes. Other elements form polymeric 
compounds similar to the borates, notably silicon in the silicates and 
phosphorus in the phosphates, and these polymeric compounds are called iso- 
polyacids. The simple borates are based on a triangular BO, unit, and form 
chains, rings and two-dimensional flat sheet-like structures. More complex bor- 
ates contain both BO, units and tetrahedral BO, units, and are not flat. The 
complex borate structures break up when dissolved in water. In contrast, 
phosphates and silicates are always based on tetrahedral РО, and SiO, units, 
which may polymerize into chains, rings and three-dimensional structures, 
which are rather more stable and do not break up in solution. 


The Other Group III Oxides 


Alumina А1,О, can be made by dehydrating Al(OH),, or from the elements. 
Aluminium has a very strong affinity for oxygen, and the heat of formation of 
ALO, is about 1700 kJ mol-!. This is used in the thermite reduction of metal 
oxides, 


3Mn;O, + 8Al > 4ALO, + 9Mn 


Aluminium hydroxide is precipitated as a white gelatinous substance in 
qualitative analysis. It is amphoteric, though it acts principally as a base, giving 
salts that contain the [AI(H,O),** ion. 


AI(OH), = AP* + 30H- 


Aluminium hydroxide exhibits acidic properties when it reacts with NaOH for- 
ming sodium aluminate. Though this is often formulated Na Al0,.2H,0, the 
structure of the aluminate ion is more complicated than this implies, and 
changes with both pH and concentration. Above pH values of 13, a tetra- 
hedral [AI(OH),]- ion exists, but between pH 8 and 12 the ions polymerize by 
means of OH bridges and each aluminium is octahedrally coordinated. In con- 
centrated solutions above 1-5 M the ion [(HO), AI-O-AI(OH),]?- exists. Thus 
АХОН), dissolvés in NaOH forming sodium aluminate, but is reprecipitated 
by the addition of carbon dioxide, or a trace of acid, since the acidic properties 
are very weak. 

Gallium, like aluminium, forms an amphoteric oxide and hydroxide. The lat- 
ter is white and gelatinous and dissolves in alkali forming gallates. Thallium 
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and indium sesquioxides are completely basic, and form neither hydrates nor 
hydroxides. Thallous hydroxide TIOH is a strong base, and is soluble in water, 
thus differing from the trivalent hydroxides, although it resembles the Group I 
hydroxides. Where an element can exist in more than one valency state, there is 
a general tendency for the lower valency state to be the most basic. 


Hydrides (refs. 1—6) 


None of the Group III elements react directly with hydrogen, but a number 
of interesting hydrides are known. The boron hydrides are sometimes called 
boranes by analogy with the alkanes (hydrocarbons). There are seven well 
characterized boranes which fall into two series: B,H,,,, and a less stable series 
B,H,,,. Where the nomenclature is ambiguous as in pentaborane and 
decaborane, the number of hydrogen atoms is included in the name. 


В,Н, „4 В,Н, 6 
В,Н, diborane B,H,, tetraborane 
B,H, pentaborane-9 B5H,, pentaborane-11 
BH nonaborane or 
935 |enneaborane 
B,,H,, decaborane-14 B,oH,, decaborane-16 


Diborane has been studied more than the other boranes and it may be prepared 
by a variety of methods: 


heat 


(1) Mg,B, + H,PO,— mixture of boranes ——+ В,Н, 
magnesium mainly В,Н ү, 
boride > 
silent 
(2) 2ВСІ, + 6H, ac В,Н,  6HCI 
discharge 
(3) 4ВСІ, + 3LiAIH, > 2B,H, + 3AICI, + 3LiCI 


The method using lithium aluminium hydride gives a quantitative yield. 

The boranes are of great interest since there are not enough valency electrons 
to form the expected number of covalent bonds; that is, they are electron 
deficient. Thus in diborane there are twelve valency electrons, three from each 
boron atom and six from the hydrogens. Electron diffraction results indicate 
the structure: 


H Ha H 
\/ + 1-198 


3 -19À 
PEE 


H 
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The two bridge hydrogen atoms аге їп a plane perpendicular to the rest of the 
molecule and prevent rotation between the two boron atoms. Specific heat 
measurements confirm that rotation is hindered. Four of the hydrogen atoms 
are in a different environment from the other two. This is confirmed by Raman 
spectra and by the fact that diborane cannot be methylated beyond Me,B,H, 
without breaking the molecule into BMe,. The terminal B—H distances are the 
same as the bond lengths measured in non-electron-deficient compounds, so 
the electron deficiency must be associated with the bridge groups. The nature 
of the bonds in the hydrogen bridges is now well established. Clearly they are 
abnormal bonds since the two bridges involve only one electron from each 
boron atom and one from each hydrogen atom, making a total of four 
electrons. An sp? hybrid orbital from each boron atom overlaps with the 1s or- 
bital of the hydrogen, giving a delocalized molecular orbital covering all three 
nuclei, containing one pair of electrons and making up one of the bridges (see 
rie 5.3). This is a three-centre bond. A second three-centre bond is also 
formed. 


у К см 
Fig. 5.3 


The higher boranes have an open cage structure (Fig. 5.4) in which there are 
multicentre bonds covering B atoms and B-H-B bridges. Thé case of ten B 
atoms in decaborane-14 is two atoms short of. forming a regular icosahedron, 
which would constitute a closed cage, and would be a particularly stable struc- 
ture. The two extra atoms required to complete the cage may be added by reac- 
ting В.Н, with an acetylene forming a carborane (Fig. 5.5). 


BH, + RC=CR + B C; HR; 


Two B atoms may be added to complete the c ti i 
ecu р! е Cage by reacting B,9H,, with 


ByoH,, + 2MejN ^ BH, > 2[Me,NH]+ [B,,;H,,] 


The boranes are volatile and decompose to boron and hydrogen at red heat. 
They burn or explode in air and are decomposed by water or aqueous alkali: 


В,Н, + 6Н,О > 2Н,ВО, + 6H, 
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(d) Pentaborane-11 В;Н; 1 


(e) Decaborane-14 Во H14 


Fig. 5.4 Structure of: (a) diborane B;H, (with two three-centre B - --H--*B bonds), 
(b) tetraborane B,H,,, (with four three-centre В... Н... B bonds) and опе В—В bond, 
(c) pentaborane-9 B,H, (where the boron atoms form a square-based pyramid with 
four three-centre В... Н: ·- B bonds, and multi-centre bonds from the apical B atom 
to the four B atoms in the square), (d) pentaborane-11 В,Н,, (where the boron atoms 
form a distorted square-based pyramid, with three three-centre В... Н... B bonds and 
three-centre В... B- - - B bonds in two of the triangular faces, (e) decaborane-14. 
After A. G. Massey, The Typical Elements, Penguin, 1972. 


All the boranes react with ammonia, but the products depend on the con- 
ditions: 
excess NH, 


B,H,.2NH; 
low temperature 


B,H, + NH, 
excess NH, 
— 016 
higher temperature 
ratio 2NH,:1B;H, 
ая ааа 
higher temperature 


(BN), Boron nitride 


B,N,H, Borazole 


Fig. 5.5 Ortho carborane (one of the three isomeric 
forms of the icosahedral carborane B,oC,H,)R,). After 
A. С. Massey The Typical Elements, Penguin, 1972. 
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Borazole Benzene 
Fig. 5.6 


The compound B,H,.2NH, is ionic, [H|N > BH, < NH,]*[BH,]- and on 
heating it forms borazole. A boron and a nitrogen atom bonded together have 
the same number of valency electrons as two carbon atoms. Thus boron nitride 
has almost the same structure as graphite (Fig. 5.6). 

Borazole B,N,H, has been called ‘inorganic benzene’ because their struc- 
tures show some similarity. The boranes were considered as possible high 
energy fuels to replace hydrocarbon fuels in military aircraft and missiles, but 
incomplete combustion and fouling of exhaust nozzles with B,O, prevented 
their use. 

In addition to the boranes, rather more stable complex borohydrides con- 
taining the group BH, are known. Sodium borohydride can be made: 

4NaH + B(OCH,), + Na[BH,] + 3NaOCH, 
methyl borate 
Other metal borohydrides are made from the sodium salt. The alkali metal 
borohydrides are white ionic solids, but the beryllium, aluminium and trans- 
ition metal borohydrides become increasingly covalent and volatile. The 
borohydride ion is tetrahedral and reacts with water with varying ease. Thus 
(ВН, reacts violently with water, Na[BH,] may be recrystallized from cold 
water with only slight decomposition, and K[BH,] is quite stable. 


Li[BH,] + H,O > LiBO, + 4H, 


The alkali metal borohydrides are valuable reducing agents in inorganic 
chemistry. The stability of Na[BH,] in alcoholic and aqueous solutions makes 
it a useful reagent in the reduction of aldehydes to primary alcohols, and 
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ketones to secondary alcohols. Other functional groups such as C=C, СООН 
and NO, are not normally attacked 


NalBH] — ^ 
R.CHO | — ——  R.CH,0H primary alcohol 


з Se=0 (NalBH,l R CHOH secondary alcohol | 
(the other elements in the group also form electron-deficient hydrides. Thu 
(AIH,), exists as a white polymer of unknown structure, but it may contain 
aluminium atoms joined together by hydrogen bridges rather like diborane. 
Aluminium hydride can be made from LiH and AICI, in ether solution, but 

with excess ТАН, lithium aluminium hydride Li[ AIH,] is formed. 
LiH + AICI, > (AIHj), 
> Li[AIH,] 
Li[AIH,] is a most useful organic reducing agent because it will reduce func- 
tional groups, but not, in general, double bonds. It is analogous.to the boro- 
hydrides but cannot be used in aqueous solutions. 

Gallium forms compounds analogous to the borohydrides, e.g. Ыбан. 
Indium forms а polymeric hydride (InH,),, but there is some doubt about the 
existence of a hydride of thallium. " 

For further information on hydrides, see refs. 1 and 3-6. 


Hydroboration 


An extremely important reaction occurs between B,H, (or ВЕ; + NaBH,) 
and olefines and acetylenes 


B,H, + RCH=CHR > B(CH;-CH,R); 
B,H, + RC=CR > B(RC-CHR), 


The reactions are carried out in dry ether under an atmosphere of nitrogen 
because B,H, and the products are very reactive. The alkylborane products are 
not usually isolated, but may be converted to hydrocarbons by treatment with 
carboxylic acids, to alcohols by reaction with alkaline H,O,, and to ketones or 
carboxylic acids by oxidation with chromic acid. 
BR, + 3CH,COOH > 3RH + B(CH,COO), 
hydrocarbon 


B(CH,.CH,R), + 3H,0, > 3RCH,CH,OH + H,BO, 
primary alcohol 


R R 
( DE 4 H,CrO, > p= 


ketone 


(СН,.СН,Э;В + H,CrO, > CH,COOH 
carboxylic acid 
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The mild conditions required for the initial hydride addition and the variety of 
products which can be produced using different reagents to break the B-C 
bond make hydroboration a simple and useful process. 


Trihalides (refs. 1, 2, 5 and 7) 


All the elements form trihalides. The boron halides BX, are covalent and 
gaseous. Hybridization of one s and two p orbitals used for bonding gives a 
planar triangular molecule. The B atom only has six electrons in its outer shell, 
and this is termed electron deficient. 


2s 2p 
Boron atom 
(exited) C] 
————À 
three singly occupied orbitals form bonds with unpaired 


electrons from three halogen atoms—sp? 
hybridization—plane triangle 


The bond lengths in BF, are 1-30 A, and are significantly shorter than the 
sum of the covalent radii (B = 0-80 А, F = 0.72 А). The empty 2p orbital on B 
which is not involved in hybridization is perpendicular to the triangle, and this 
may accept an electron pair from a full p orbital on any one of the three 


fluorine atoms, forming a dative z bond, thus making an octet of electrons 
round the B atom. 


F F 
Se 
F E 2 > "d F 


If the empty 2p orbital on B is filled by a lone pair of electrons from a donor 
molecule such as NH, or (CH;)N, a tetrahedral molecule is formed. 


F мнз 


A 
y pi 


The possibility for л bonding no longer exists, and in H,N > BF, the В-Е dis- 
tance is 1-38 A, and in Me,N > BF, the distance is 1-39 A. The boron halides 


are all hydrolysed by water, the fluoride forming fluoborates and the other 
halides giving boric acid. 
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BF, + H,O > H,BO, + HF 


ELS 


H+ + [BFj]- 


The B atom in the BX, molecule can readily accept a lone pair of electrons 
from a donor atom such as O, N, P or S. It is this tendency which makes BF, a 
useful organic catalyst for Friedel-Crafts reactions such as alkylations, acyl- 
ations and esterifications. It is also used in considerable quantities as a poly- 
merization catalyst in the production of polyisobutenes (used to make visco- 
static lubricating oils), coumarone-indene resins, and butadiene-styrene rub- 
bers. BF, production in the USA is about 4000 tons a year, and it is produced 
by the reaction 

B,0, + 6HF + 3H,SO, > 2BF, + 3H,S0,. H,O 

The fluorides of Al, Ga, In and Т1 are ionic and have high melting points. The 
other halides are largely covalent when anhydrous. AlCl,, AlBr, and GaCl, 
exist as dimers, thus attaining an octet of electrons. 

с! cl 


Sa? St д 
Al Al 
of pe No 


The dimeric formula is retained when the halides dissolve in non-polar sol- 
vents such as benzene, but because of high heat of hydration when the halides 
dissolve in water, the covalent dimer is broken into [M.6H;O]** and 3X7 ions. 

A Group III element has only three valency electrons, and when it forms 
three covalent bonds it has a share in only six electrons, and is therefore 
electron deficient. The BX, halides attain an octet by л bonding, but the other 
elements are larger, and cannot get effective л overlap, so they polymerize to 
remedy the electron deficiency. 


Dihalides 


In addition to the trihalides, boron forms halides of formula B,X,. These 
decompose slowly at room temperature. B,Cl, can be made 


electric discharge 


2ВСІ, + 2Hg еее В,СІ, + Hg;Cl 
The structure is 
cl CI CI 
у жыш 
cl сї СІ 


Non-eclipsed Planar 
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There is free rotation about the B—B bond, and in the gaseous and liquid states 
the molecule adopts a non-eclipsed conformation. In the solid state the 
molecule is planar, because of crystal forces and ease of packing. Gallium and 
indium form dihalides, 

GaCl, + Ga > GaCl, 

In + HCl,,, > InCl, 


These are more properly written Ga*[GaCI,]- and contain M(I) and М(Ш) 
rather than divalent gallium and indium. Thallium forms univalent thallous 
halides which are more stable than the trihalides. 


Monohalides 


The Group III elements will all form monohalides MX in the gas phase at 
elevated temperatures. 


АС, +2А -> s зд 
These compounds are not very stable, and are covalent, except for TIt F- 


which is ionic. Boron forms a number of stable polymeric monohalides ( BX), 


вс Mercury discharge вс 


4 Slow " 
ecomposition 
BeCle-BoCly, Bj o C4, By (Cl; 1, B15CI 9 


The compounds В,СІ,, B,Cl, and B,Cl, are crystalline solids, and their struc- 
tures (Fig. 5.7) have a closed cage or polyhedron of B atoms, where each B 
atom is bonded to three other B atoms and one Cl atom. Since B has only three 


(a) B4Cl4 ` (b) BgClg (c) Вә Clg 
eB 
Ос! 


Fig. 5.7 Boron monochloride structures (ВСІ), showi 
wing polyhedral boron cages. 
After A. G. Massey The Typical Elements, Penguin, 1972 2 
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valency electrons there are not enough electrons to form normal electron pair 
bonds, and bonding probably involves multicentre с bonds covering all the В 


atoms in the cage. 


Complexes 


Group III elements form complexes much more readily than the s-block ele- 
ments, on account of their smaller size and increased charge. In addition to the 
tetrahedral hydride and halide complexes Li[AIH,] and H[BF,] already men- 
tioned, many octahedral complexes such as [GaCl,]?-, [InCl;- and [TICI,]?~ 
are known. The most important octahedral complexes are those with chelate 
groups, for example, acetylacetone, oxalates and 8-hydroxyquinoline. The lat- 
ter complex is commonly used in the gravimetric determination of aluminium 
(see Fig. 5.8). 


35 


gu 
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t 
3 х 3 
acetyl acetone complex oxalate complex 8-hydroxyquinoline complex 
Fig. 5.8 
Organometallic Compounds 


In addition to the carboranes and the alkylboranes discussed earlier, all the 
Group III trihalides will react with Grignard reagents and organolithium 
reagents forming trialkyl or triaryl compounds 


BF, + 3C,H,Mgl > B(C,H,), 
AICI, + 3CH,Mgl > Al(CH;), 
GaCl, + 3C;H,Li ^ Ga(C,H,), 
InBr, + 3C,H,Li > In(C,H;); 


The aluminium compounds are unusual because they have dimeric structures, 


and appear to have three-centre bonds involving sp? hybrid orbitals on Al and 
C in the AI-C-AI bridges. 
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Another important route to organoaluminium compounds is from aluminium 
metal and hydrogen. Though AIH, is not formed by direct reaction, aluminium 
does take up hydrogen in the presence of aluminium alkyl catalysts (Zeigler 
catalysts). 
Al+ 3H; + 2Et,Al > 3Et,AlH 


Olefines may be added to AI-H bonds 


EtAIH + H,C=CH, > Et, AI-CH;-CH, i.e. Et, Al 
ethylene 
At 90-120 °С and 100 atmospheres pressure, ethylene molecules are slowly 
inserted into the AI-C bonds 


„сн, LCH.CH.CH, АСН,.СН)),.С.н, 
ACH, > AICCH, > AICCH;.CH)),.C;H; 
CH, CH (CH,.CH)),.C.H, 


Long chains up to C44, may be grown. Hydrolysis of these longish-chain 
aluminium alkyls gives straight chain hydrocarbons called polyethylene or 
polythene. The low molecular weight polymers (or oligomers) produced like this 
are of no commercial use. The polymerization is much quicker, gives a much 
higher molecular weight and does not require a high pressure if a transition 
metal catalyst (Natta catalyst) such as ТЇСЇ, is used. These high molecular 
weight polymers are very important commercially (see organometallic com- 
pounds of titanium). 

Alcohols with chain lengths of about C,, are produced by growing suitable 
aluminium alkyls, oxidizing with air and then hydrolysing with water. These 
alcohols are sulphonated to make biodegradable detergents CH,—(CH,),- 
OSO,- Nat. (For other detergents see under SO, in Group VI.) 

: Aluminium alkyls catalyse the dimerization of propene in the formation of 
isoprene 
2CH,.CH-CH, ^. cH, cu. cg. c Seek 
2 —— 7 CH,.CH,.CH,.C=CH, — 5 CH,=CH.C=CH, + CH, 
propene | | 4 
CH, CH, 


isoprene 


The use of aluminium alkyls in producing polythene, alcohols and isoprene is 
of considerable industrial importance, 


Extraction of the Elements 


Boron is obtained by the reduction of B,O, with magnesium or sodium. 


id 
NaB,O,10H,0 ==> нво, —", BO ees. Б 
borax orthoboric acid 


171 


Boron obtained in this way is amorphous, and may contain up to 5% of im- 
purities. Pure crystalline boron may be obtained in small quantities by the 
reduction of BCI, with H, or the pyrolysis of ВІ, (Van Arkel method). 


red hot filament 


2BCl, + 3H, сес сту 


В, + ЗНСІ 


red hot filament 


281; (W or Ta) 


2B + 3L, 


Boron is used to increase the hardenability of steels (depth to which steels will 
harden). Boric acid and borax are used extensively. Over a million tons of 
borax are produced annually. It is mixed with NaOH and sold as *Polybor' and 
*Timbor' for treating timber and hardboard against attack by wood-boring in- 
sects, and as a flame retardant. It is used in borosilicate glass (e.g. Pyrex) 
which contains 14% B,O,, as a flux in brazing, and for laundry purposes, par- 
ticularly in the USA. Perborates are widely used as brighteners constituting 
20% of many washing powders in Europe. H,BO,, B,O, and calcium borate 
are used to make soda-free glass fibre. 

Aluminium is obtained from the ore, bauxite Al,O,.H,O. Sodium hydroxide 
is added to the ore, forming sodium aluminate which dissolves, thus separating 
Al from iron oxide. Aluminium hydroxide is reprecipitated either with CO, or 
by seeding with Al,O,. The precipitate is then calcined to Al,O,, fused with 
eryolite Na,AIF, and electrolysed. Aluminium is produced on a large scale and 
is used widely in alloys, paint, pyrotechnics and cooking utensils. Gallium, in- 
dium and thallium occur only in minute quantities, and are usually obtained by 
electrolysing aqueous solutions of their salts. 

The large differences between boron (nonmetal, always covalent, acidic, 
high melting point) and aluminium are to be expected since AP* is 2-5 times 
the size of B?*. 


М, IV (Table 5.3) 


TABLE 5.3 
Element Electronic structure Oxidation Coordination 
states* numbers 
Carbon Ç [He] 2s? 2р? IV (1)234 
Silicon Si [Ne] 352302 (Ш IV 4 (6) 
Germanium Се [Аг] За! 4s? 4p? П Wve 4 6 
Tin Sn [Кг] 44% 5s? 5p? П IV 4 6 
Lead Pb [Xe] 4/14 5d"? 6s? 6р? H IV 4 6 


гт чн НИИ Oa УНЫ eee EIU РЫЛ cC 
* See p. 154. 
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Occurrence and Extraction of the Elements 


The elements except for germanium are all well known. This is because car- 
bon and silicon are abundant in the earth’s crust, but though tin and lead are 
rare they occur as concentrated ores which are easy to extract. Germanium oc- 
curs only as traces in certain ores and coal, but is important for making semi- 
conductors and transistors. 

Carbon occurs mainly as coal and in crude oil, and also as carbonates in 
rocks such as calcite CaCO, and magnesite MgCO.,. Silicon occurs widely as 
silica SiO, and in a wide variety of silicate minerals. Germanium is found as 
traces in some silver and zinc ores, and in some coals. Tin is mined as cas- 
siterite SnO,, and lead is found as the ore galena PbS. 510,, GeO, and SnO, 
may be reduced to the elements using carbon at a high temperature. Ultrapure 
silicon and germanium (better than 1: 10°) are obtained by zone refining, and 
used for semiconductors. In zone refining, a rod of the element is heated, giving 
a narrow molten zone. The heater moves slowly from one end to the other, and 
pure metal crystallizes from the melt. The impurities are more soluble in the 
liquid, and are carried to the end of the rod. PbS may be roasted in air to give 
PbO, which is then reduced by CO in a blast furnace, or alternatively PbS is 
partially oxidized in air, and the resultant mixture undergoes self reduction 
when heated without air. 


apos —“*", pps + 2ppo — . P"* — , spp, go, 
х аг in absence of air 


Carbon exists in two allotropic forms: diamond and graphite. Si, Ge and Sn 
also have a diamond type of structure, though Sn also exists as a metallic form 
13-2°C 


aSn B Sn 

grey tin white tin 
(diamond (metallic) 
structure) 


A second metallic form called y-Sn is now thought not to exist as a separate 
phase. Pb exists only in the metallic form. 

The extremely high melting point for C and the high values for Si and Ge 
result from the very stable arrangement of a diamond type of lattice, since 
these strong covalent bonds must be broken on melting. The decrease in melt- 
ing point on descending the group is because the M-M bonds become weaker 
as the atoms increase in size. The low melting points for Sn and Pb indicate 
that they do not use all four outer electrons for metallic bonding. 


Metallic and Nonmetallic Character 


The change from nonmetal to metal with increasing atomic number is well il- 
lustrated in Group IV, where carbon and silicon are nonmetals, germanium has 
some metallic properties, and tin and lead are metals. The increase in metallic 
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character shows itself їп the structures and appearance of the elements, in 
physical properties such as malleability and electrical conductivity, and in 
chemical properties such as the increased tendency to form ‘ncy to form М?+ ions and the 
acidic or basic properties of the oxides and hydroxides. 


Differences Between Carbon, Silicon and the Remaining Elements 


In general, the first element in a group differs from the rest of the group 
because of its smaller size, higher electronegativity and the non-availability of d 
orbitals. Carbon differs from the other elements in its limitation to a coor- 
dination number of four (because there are no d orbitals in the second shell), in 
its unique ability to form multiple bonds, such as C=C, C=C, C=O, C=S and 
C=N and in its marked ability to form chains (catenation). The tendency to 
catenation is related to the strength of the bond (see Table 5.4). , 


TABLE 5.4 
Bond Bond energy Remarks 
kJ mol! 
C-C 348 Forms many chains 
Si-Si 222 Forms a few chains 
Ge-Ge 167 Very little tendency to 
form chains 
Sn-Sn 155 


E 

Carbon and silicon have only s and p electrons, but the other elements follow 
a completed transition series with ten d electrons. Thus some differences are ex- 
pected, and carbon and silicon differ both from one another and from the rest 
ofthe group, while germanium, tin and lead form a graded series. 


General Properties 
The covalent radii increase down the group, but the difference in size between 
Si and Ge is less than might be otherwise expected because the filling of the 3d · 
TABLE 5.5 
nn —— 
$ Abundance Covalent Ionization energies Melting Pauling’s 
in earth’s radius kJ mol? point electro- 
crust negativity 
p.p.m. A Ist 2nd 3rd 4th °C values 
c 320 0.77 1086 2354 4622 6223 3930 2.5 
Si 277 200 1-17 786 1573 3232 4351 1420 1-8 
Ge T. 1-22 760 1534 3300 4409 949 1-8 
5п 40 1-40 707 1409 2943 3821 232 1-8 
Pb 16 1-46 715 1447 3087 4081 327 1:8 


+ *. 
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shell increases the nuclear charge and provides only poorly shielding d 
electrons. In a similar way the small difference in size between Sn and Pb is 
because of the filling of the 4f shell. 

The ionization energies decrease from C to Si, but then change in an ir- 

* regular way because of the effects of filling the d and f shells. The extremely 
large amount of energy required to form М“+ ions suggests that simple ionic 
compounds will be very rare. The only elements which will give a large enough 
electronegativity difference to give ionic character are F and O, and the 
compounds SnF,, SnO,, РБЕ, and PbO, are significantly ionic. 

The majority of the compounds are four-covalent. This necessitates pro- 
motion of electrons from the ground state to an excited state, and sp? hyb- 
ridization of the orbitals results in a tetrahedral structure. The energy needed to 
unpair and promote the electron is more than repaid by the energy released on 
forming two extra covalent bonds. 


Is 2s 2p 
Electronic structure of carbon 
atom—ground state ft Tt | 
two unpaired electrons thus can form two covalent 
bonds 


Carbon atom—excited state EN 
— 


four unpaired electrons thus forms four covalent 
bonds and sp? hybridization results in a tetrahedral 
structure 


The elements in this group are relatively unreactive, but reactivity increases 
down the group. They are generally attacked by acids, alkalis and the 
halogens: graphite by F, Si by HF, Ge by H,SO, and HNO,, and Sn and Pb 
by anumber of acids. 


Reduction Potentials 
Acid solution 3 Basic solution 
Oxidation state 
+V +11 [9] +V +11 
gne 07. EDU [Sn(OH) £-— 9:90. sro. 0:91 
PbO, 41.46 ppt —0:13 Pb PbO, +0-28 PbO —0-54 


0 


Sn 


Pb | 
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Inert Pair Effect 


The inert pair effect shows itself increasingly in the heavier members of the 
group. There is a decrease in stability of the (+IV) oxidation state and an 
increase in the stability of the (+П) state on descending the group. Thus 
Ge(+II) exists as a strong reducing agent and Ge(--IV) is stable. Sn(+II) exists 
as simple ions but is strongly reducing and Sn(+IV) is covalent. РЫ(+П) is 
ionic, stable and more common than Pb(+IV), which is oxidizing. The lower 
valencies are more ionic because the radius of M?* is greater than M^* and ac- 
cording to Fajans' rules, the smaller the ion the greater the tendency to 
covalency. 


Complexes 


The ability to form complexes is favoured by a high charge, small size and 
availability of empty orbitals of the right energy.. Carbon is in the second 
period and has a maximum of eight electrons in its outer shell. In four-covalent 
compounds of carbon, the second shell contains the maximum of eight 
electrons. Because this structure resembles that of an inert gas, these com- 
pounds are stable, and carbon does not form complexes. Four-covalent com- 
pounds of the subsequent elements can form complexes due to the availability 
of d orbitals, and they generally increase their coordination number from four 
to six. 

SiF, + 2F- > [SiF,]?- 
GeF, + 2NMe, > [GeF,.(NMe,),] 
SnCl, + 2CI- > [SnCl,}- 


In these cases, four covalent and two coordinate bonds are formed and sp?d? 
hybridization gives an octahedral structure. For example, [51Е,]2-: 


3s 3p 3d 
Electronic structure 
of silicon ШШЩЕ cp, Е 78 LS 
atom—ground state 
Silicon—excited $ 


state IPTE SPOT SUE] 
Sili ; 
sos = тага 


gained share in 4e in 
SiF, molecule 


[SiF,]?- where two 
F- each donate 
share in electron 
pair, forming two 
coordinate bonds 


xIxL T T | 


È 


sp?d? hybridization— 
octahedral structure 
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Internal n Bonding Using d Orbitals - 
. The compounds trimethylamine (CH,),N and trisilylamine (SiH, have 
completely different structures 


E HSSi > SiHs 


HC CH3 


CH, SiH3 
In trimethylamine, the arrangement of electrons is 


2s 2p 
таа: 


three unpaired electrons form 

bonds with CH, groups. 

5р hybridization—tetrahedral 

(3 bond pairs and 1 lone pair) 
In trisilylamine, sp? hybridization occurs giving a plane-triangular structure, 
and the lone pair of electrons occu; idi rbital at right angles 
to the plane triangle. This overlaps with empty d orbitals on each of the three 
Silicon atoms, and results in z bonding, more accurately described as pz-dz 
bonding, since it is from a full p orbital to an empty d orbital. This shortens the 
bond lengths N-Si, and since the nitrogen no longer has a lone pair of 


electrons, the molecule has no donor properties. The z bonding cannot occur in 
(CH,),N because carbon does not possess d orbitals. 


рл-йл bonding in trisilylamine. (From Mackay and Mackay, Introduction to Modern 
Inorganic Chemistry, 2nd edition, Intertext, 1972.) 


1m > 


Ys. 


All the elements form covalent hydrides, but the number formed and the 
ease with which they form differs greatly. Carbon forms a vast number of 
chain and ring compounds including the alkanes (paraffins) С,Н,,, з» alkenes 
(olefines) C,H,,, alkynes (acetylenes) С,Н,„ з and aromatic compounds. 
These are the basis of organic chemistry. The strong tendency to catenation 
has been related to the strength of the C-C bond. Silicon forms a limited num- 
ber of saturated hydrides, Si,H,,,,, called the silanes, which may exist as 
straight chains or branched chains. A mixture of silanes was originally pre- 
pared by hydrolysing magnesium silicide, Mg,Si, with sulphuric or phosphoric_ 
acid. "mum 

2Mg + Si Funes саги Mg,Si + H,SO, > SiH, (40%) 
SiH (30%) 


More recently monosilane has been prepared by using lithium aluminium 
hydride. 
SiCI, + Li[AIH,] > SiH, 

Unlike the alkanes, the silanes are strong reducing agents, burn in air, explode 
in Cl, and are readily hydrolysed by alkaline solutions. 

a es 

trace of alkali 
SiH, + НО —————>_ 2810,.пН,О + 7H, 

The difference іп behaviour between alkanes and silanes is probably due to the 


difference in electronegativity between C and Si. This results in an uneven shar- 
ing of the bonding electrons leaving a б— charge on С and a 6+ charge on Si. 


&- 84 b+ b- 

C-H Si-H 
The germanium hydrides or germanes are similar to the silanes, but are less 
inflammable and less readily hydrolysed. Stannane SnH, is less stable and 
more difficult to prepare, but it can be made by reducing the halide with 
Li[ AIH,]. Distannane Sn;H, is known. Plumbane РЫН, is even less stable and 
even more difficult to prepare, but it has been made by cathodic reduction and 
„detected using a mass spectrometer. 


Halides à 


All the tetrahalides are known except РЫ,. They are all tetrahedral, and almost 
all are very volatile and covalent. The exceptions are SnF, and PbF,, which are 
ionic and high melting (SnF, sublimes at 705 °C, PbF, melts at 600 °C). CF, is 
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unreactive and very stable, and fluorocarbons are useful lubricants, solvents 
and insulators. Mixed chlorofluorohydrocarbons such as CFCl,, СЕ,СІ, and 
СЕ,СІ are known as Freons. They are unreactive and non-toxic and are widely 
used as refrigeration fluids and as the propellant in aerosols. In contrast SiF, is 
readily hydrolysed by alkali. 


SiF, + 80H- > SiO,“ + 4F- + 4Н,О 
The silicon halides are rapidly hydrolysed by water, to give silicic acid. 


SiCl, + 4H,O > Si(OH), + 4НС1 


In the case of the tetrafluoride, a dary reacti between the resul- 
tant HF and the unchanged SiF,, forming the hexafluorosilicate ion [SiF,]?~. 


SiF, + 2HF + 2Н* + [SiF:- 


GeCl, and GeBr, are hydrolysed less readily and SnCl, and PbCI, hydrolyse in 
dilute solutions, but hydrolysis is often incomplete and can be repressed by the 


addition of the appropriate halogen acid. 
HCI HCI 
Ѕп(ОН), ———- с Ге) ыңкы lC 
но H,O 


The carbon halides are not hydrolysed under normal conditions because they 
have no d orbitals, and cannot form a five-coordinate hydrolysis intermediate, 
but because of the availability of the 3d orbitals in silicon, OH- ions or water 
may be coordinated as a first step in hydrolysis. In any atom there are always 
empty orbitals, but these are usually too high in energy to be used. It should be 
noted however that if sufficient energy is provided using superheated steam then 
CCI, will hydrolyse 


superheated 
bom o petam ed 


са, E 


COCI, 
carbonyl chloride (phosgene) 


Carbon tetrachloride is manufactured mainly from carbon disulphide 


A FeCl. 
CS, +301, пн, Са, + 8,Cl, 
FeCl, catalyst 


CS, + 2S,Cl, a 


CCl, + 6S 


It is used as a solvent, in fire extinguishers, and to produce Freons 


anhydrous conditions 


CCl, + 2HF 
SbCl, 


CCLF, + 2НС1 
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At one time, about 180 000 tons of Freons were produced annually in the 
USA, mainly for use as aerosol propellants. This use has now been banned in 
the USA because they are thought to damage the ozone layer in the upper at- 
mosphere. Cheaper and safer propellants such as CO, and butane are now 
used instead. 

In the presence of excess acid, halides of Si, Ge, Sn and Pb increase their 
coordination number from four to six, and form complex ions, such as [SiF,]?-, 
[GeF,]?-, [SnCI,]?- and [SnCl,]-. РЬ, is not known, probably because of the 


oxidizing power of Pb(+I and the reducing power of I-, which results in the 

"Carbon forms a number of catenated ны perhaps the best known being 
Teflon or polytetrafluoroethylene. This is formed when tetrafluoroethylene is 
subjected to pressure, and the polymers formed have chain lengths of several 


hundred carbon atoms 


pressure 
— 


C.F, —CF,.CF,.CF,.CF,— 


Teflon is extremely useful because it is resistant to chemical attack and is a 
good electrical insulator. It is also used as a coating for non-stick cooking uten- 
sils. 

Silicon forms polymers (SiF;), and (SiCL), by passing the tetrahalide over 
heated silicon. These polymers decompose on heating into low molecular 
weight polymers (or oligomers) of formula Si, X;,,, and fluorides are known 
where n has values of 1—14. 

Germanium forms the dimer Ge,Cl,, whilst no catenated halides are known 
for tin and lead. 

The tetrahalides are all colourless or white, except for SnI, which is bright 
orange. Compounds formed by the elements in the main groups are normally 
white. Colour is associated with electrons being promoted from one energy 
level to another, and absorbing or emitting the energy difference between the 
two levels. This is common in the transition elements, where there are often 
unfilled energy levels in the d shell, allowing promotion from one d level to 
another. In the main groups, the s and p electron shells are normally filled when 
a compound is formed, so such promotion is not possible. Promotion from for 
example the 2p to the 3p level involves so much energy that it would appear in 
the ultraviolet rather than the visible region. Thus the white colour is to be ex- 
pected for the tetrahalides. The orange colour in SnI, is caused by the ab- 
sorption of blue light, hence the reflected light contains a higher proportion of 
red and orange. The energy absorbed in this way causes the transfer of an 
electron from I to Sn. (This corresponds to the temporary reduction of 
Sn(IV).) Since transferring an electron to another atom is transferring a 
charge, such spectra are called charge transfer spectra. This occurs іп Snl, 
because the atoms are close in the periodic table, and have similar sizes and 
similar energy levels, but it does not occur with the other halides. 
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Reaction Mechanisms 


Many inorganic reactions such as double decomposition involve only ions, 
and these occur virtually instantaneously. Typically organic reactions are 
slower because they involve breaking covalent bonds, and they occur either by 
substituting one group for another, or by adding on an extra group to give an 
intermediate which then eliminates another group to give the product. 

The hydrolysis of SiCl, is rapid because Si can use a d orbital to form a five- 
coordinate intermediate, and occurs by an S42 mechanism. 


Н. 5 
cl o CI 


Cl. 1 eliminate 
CI- 


с! СІ но СІ 


С! 
с! С! Cl 


A lone pair of electrons from the oxygen is donated to an empty 3d orbital on 
Si, and the intermediate has a trigonal bipyramidal structure. 
3s 3p 3d 


o 
ee!) EHE) СІТІ 
— l 


SiCl, 

Sp? hybridization 

tetrahedral molecule 
SiCl, having gained 7 iG: 
a lone pair from [i] [ШШШ [x] | | Г] 
ОН- іп ће SSS 
intermediate sp? d hybridization 


trigonal bipyramid 


If the hydrolysis is performed on an asymmetrically substituted, and conse- 
quently optically active, silicon compound such as Me Et Ph Si* Cl, then Wal- 
den inversion will occur resulting in inversion of the structure from d to / or 
vice versa. 


Et H 
0^ Et 


N Et 
Me ci —9H eliminate CI- 


HO Me 
Ph Ph 


С! Ph 
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In a similar way, the reduction of R,R,R; Si*Cl with Li[AIH,] to give R,R;R, 
Si*H also involves inversion of structure. 

Other mechanisms are possible since the conversion of R,R,R, Si*H 
to R,R;R, Si*Cl occurs with the retention of structure. If R,R,R,-Si*Cl is 
dissolved in ether or ССІ, it is recovered unchanged, but solution in CH,CN 
results in racemization. 


AR 2 
Oxygen Compounds 


The oxides of carbon differ from those of the other elements because they 
contain pz-pz multiple bonds between С and О. Five oxides of carbon are 
known, CO, CO,, C,0,, C,O, and C,,0,, though only the first two are impor- 
tant. 


Carbon monoxide CO. Carbon monoxide is a poisonous gas, sparingly 
soluble in water and a neutral oxide. It is formed when carbon is burned in a 
limited amount of air. It is prepared by dehydrating formic acid with con- 
centrated sulphuric acid. 

H.COOH + Н,50, + CO + H,O 


The gas burns in air and evolves a considerable amount of heat; hence carbon 
monoxide is an important fuel. 


2CO + O, + 2CO, + 565 kJ mol"! 


Water gas, an equimolecular mixture of CO and Н„ producer gas, a mixture of 
CO and N,, and coal gas, a mixture of CO, H, CH, and CO, are all important 
industrial fuels. 


c+H,0 11, СО +H, (water gas) 


C +0, + 4N, > CO, + 4N, 
саа 


air 4€ 


2CO + 4N, (producer gas) 


Carbon monoxide is a good reducing agent and can reduce many metal oxides 
to the metal. (See The occurrence and isolation of the elements, and Thermo- 
dynamics of extraction processes, Chapter 3.) 

Fe,0,+3CO ERMA, он, + 3CO, 

CuO + CO > Cu + СО, 


Carbon monoxide is an important ligand which can donate a share in a lone 
air of electrons, that is it can form a coordinate bond with many transition 


metals and form carbonyl compounds. The number of carbon monoxide 
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molecules bonded to the metal in this way is generally in accordance with the 
effective atomic number rule (see Chapter 8). Nickel carbonyl Ni(CO), was 
formerly important in the now obsolete Mond process for extracting nickel. 
The electronic structure of CO has been debated, but it may be represented: 


:Ci0: or С=О 


The bonding in CO is better represented using the molecular orbital theory. 
(See Examples of molecular orbital treatment, Chapter 2.) The metal-carbon 
bond in carbonyls may be represented М < C=O, though in addition there is 
some back bonding or-dative z bonding from sideways overlap of full d orbitals 
on the metal and empty p orbitals of the carbon, giving M = C=O. The bond 
length M—C is shorter than a single bond and C—O is longer than a triple 
bond. (Ref. 23.) 


DD 


back-bonding or dative л bonding 
from full d orbital on M to empty p 
orbital on C 


In other cases such as di-iron ennea carbonyl Fe;(CO)s, carbon monoxide acts 
as a bridging group between the two metal atoms. 
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Carbon monoxide is quite reactive, and combines readily with О, S and the 
halogens F, Cl and Br. 


CO +40, > CO, 
CO + S > COS carbonyl sulphide 
CO + CI > СОСІ, carbonyl chloride (phosgene) 


The carbonyl halides are readily hydrolysed by water, and react with ammonia 
to form urea 


COCI, + H,O ^2HCI + CO, 
C 


1 NH 
c 6-9 Ng EP dc- OP C 


NH; 
urea 

Carbonyl chloride is extremely toxic, but it is produced in quite large quantities 

to make tolylene di-isocyanate which is an intermediate in the manufacture of 

polyurethane plastics. 


Carbon dioxide CO,. Carbon dioxide CO, is obtained by the action of dilute 
acids on carbonates, by burning carbon in excess of air, and on an industrial 
scale by heating limestone CaCO,. Solid CO, sublimes directly to the vapour 
state (without going through the liquid state) at —78 °С under atmospheric 
pressure. It is widely used as a refrigerant, and is often called ‘dry ice’ or 'car- 
dice’. 

The gas is detected by its action on lime water Ca(OH), or baryta water 
Ba(OH),, since a white insoluble precipitate of CaCO, or BaCO, is formed, 
but if more CO, is passed through the mixture, the cloudiness disappears as the 
soluble bicarbonate is formed. 


Ca(OH), + CO, > CaCO, + H,O 
| +со, 


Са(НСО)), 


Carbon dioxide is an acidic oxide, but though it is the anhydride of carbonic 
acid H,CO,, aqueous solutions contain few carbonate and bicarbonate ions. 


CO, + Н,0 + H,CO, 
The acid is unstable and has never been isolated, but it gives rise to two series 
of salts, namely bicarbonates and carbonates. 


NaHCO, sodium bicarbonate 
(acid salt) 
NaOH + H,CO, 


Na,CO, sodium carbonate 
(normal salt) 


184 
The structure of CO, is linear, and is described in Chapter 2. 
О=С=О + О+=С-О- + O—CzO* 


The carbon atom thus forms four bonds, but in determining the hybridization 
and shape of the molecule double bonds are not included. 1 


Is 2s 2p 
Electronic structure of ТТ] 


carbon atom—ground 


state 
Carbon—excited state 


ES 
Carbon having gained 1 two л bonds excluded from 
four electrons by " hybridization 


А bonds i 
ot шои sp hybridization, hence linear molecule 


In a similar way, carbonic acid may be represented: 
ER 
£0 


ud 


and the structure of the CO,?- ion: 


15 25 2р 
Electronic structure of 7 bond excluded from 
carbon having gained uma, hybridization 
four electrons by js 
tod four bonds in sp? hybridization, hence ion has plane triangular shape 
3 


о o- oO 


ит A 


the only solid bicarbonates known are those of the Group I metals and NH,*. 
The solid structures of these contain polymeric chains of HCO,~ groups 
hydrogen-bonded together 


e = 
РА 


lues 

i H 
VU E акага 
Biologically, carbon dioxide is important in the processes of photosyntheses, 


6C0,+6H,0 UE", сн o. +60, 


glucose 
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respiration, 
C,H,,0, + 60, + 6CO, + 6H,O + energy 
and fermentation 
C,H,,0, > 2C,H,OH + 2CO, 
ethyl alcohol 


Carbon suboxides. Carbon suboxide C,O, is made by dehydrating malonic 
acid with P,O,. 


P4 P.O, 


f чег? 0-C-C-C-0 + 2H,0 


malonic acid А 
It is a gas, b.pt. 6 °C. The oxide reacts with HCl and NH, 
COCI 
C40, + 2HCI ^ CH, 
COCI 
CONH, 
C40, + 2NH, ^ CH, 
CONH, 
Its structure is probably a resonance hybrid: 


= - * 
0-C-C-C-0 «—-Ó2C-C2C-0 «+ 0-C=C-C=0 


The existence of С.О, is uncertain, but it could also be resonance stabilized. 
C50, is the anhydride of mellitic acid C,(COOH),. 


йв of silicon. Two oxides of silicon, SiO and SiO,, have been reported. 
Silicon monoxide is thought to be formed by high temperature reduction of 
SiO, with Si, but its existence at room temperature is in doubt. 
SiO, + Si ^ 2510 

Silicon dioxide SiO, is commonly called silica. Whereas carbon can form 
double bonds and CO, is a discrete molecule, silicon cannot form double 
bonds; hence SiO, forms an infinite three-dimensional structure. Thus CO, is a 
gas, but SiO, a high-melting solid, which exists in three forms: quartz, tridymite 
and cristobalite. Each of these forms has a different structure at high and low 
temperatures. 
(low temp. forms) quartz atridymite a cristobalite 

lj °C ІС | 200-275 °C 


Б 870° 1470° 1710° 
(high temp. forms) £ quartz —— ftridymite —— £ cristobalite —— liquid SiO, 
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In all of these forms each silicon is bonded tetrahedrally to four oxygen atoms 


and each oxygen atom is common to two tetrahedra. The difference between 
these structures is the arrangement of the tetrahedral SiO, units. The relation 
between tridymite and cristobalite is the same as that between wurtzite and 
zinc blende. Quartz has a helical arrangement and since the screw may be left- 
or right-handed it has optical isomers too. 

Silica in any form is unreactive, but it does react with fluorine, hydrofluoric 
acid and alkalis. The last reaction indicates that SiO, is an acidic oxide. The 
reaction with HF is used in qualitative analysis to detect silicates, since the 
resultant volatile silicon tetrafluoride is hydrolysed by water to silicic acid. 


+80, _. «HO Si(OH), or 
HSO, + Сав, HF 2505 эр; *E9, gg . 
BONES, í «iP RET 


Reaction with alkali yields silicates, which will be discussed later. 
SiO, + NaOH > (Na,SiO,), and Na,SiO, 


Silica is useful in the manufacture of optical components such as lenses and 
prisms since it is very transparent to visible and ultraviolet light. It is also used 
for laboratory glassware. Silical gel which is obtained by dehydrating silicic 
acid contains about 496 water, and is employed as a drying agent and as a 
catalyst. Silicon is used in transistors. 


Oxides of germanium, tin and lead. The dioxides GeO,, SnO, and PbO, 
normally adopt a TiO, structure with 6:3 coordination. They follow the usual 
trend of decreasing in acidity (i.e. increasing in basic strength) on descending 
the group. Thus GeO, is not as strongly acidic as SiO,, and SnO, and PbO, аге 
amphoteric. All three oxides dissolve in alkali to form germanates, stannates 
and plumbates respectively. The germanates have complicated structures 
similar to the silicates, but the stannates and plumbates contain [Sn(OH),]?- 
and [Pb(OH),]?- complex ions. There is no evidence of the existence of 
Ge(OH),, Sn(OH), and Pb(OH), and these are better represented MO,(H,0),, 
where n is about two. All three oxides are insoluble in acids except when a 


complexing agent such as F- or CI- is present, when complex ions such as 
ГЕР and (С are formed, о 

The lower oxides and PbO have layer lattices rather than the 
typical ionic structures. They are slightly more basic and ionic than the cor- 
responding higher oxides. GeO is distinctly acidic, whilst SnO and PbO are 
amphoteric. The increased stability of lower valent states on descending a 
group is illustrated by the fact that Ge?+ and Sn2+ are quite strong reducing 
agents while Pb?* is stable. 

Lead also forms a mixed oxide Pb,O,. This is called red lead and may be 
represented as 2PbO . PbO,, and thus contains Pb(II) and Pb(IV). PbO is used 


in ceramics, Pb,O, in paint, and PbO, in lead accumulators. 
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Silicates (refs. 11—13) 


A large percentage of the earth’s crust consists of silicate minerals or 
aluminosilicate clays. Silicates can be prepared by fusing an alkali metal car- 
bonate with silica. 


Na,CO, 1200°С, co, + №,0 52, Na,SiO,, (Na,SiO,), and others 


Sodium silicate or waterglass is the only common soluble silicate, the majority 
being very insoluble because of the strength of the Si-O bond, which is only 
broken by such reagents as HF. The insolubility of these minerals made it 
difficult to study their structure, and physical properties such as cleavage and 
the hardness of rocks were originally studied. A considerable number of struc- 
tures have been solved by X-ray crystallographic methods, and it is now pos- 
sible to understand the structural principles in the wide variety of silicate struc- 
tures. 

The electronegativity difference between О and Si, 3-5 — 1-8 = 1-7, suggests 
that the bonds are almost 50% ionic and 50% covalent. The structure may 
therefore Бе considered theoretically by both ionic and covalent methods. The 
radius ratio Si** :O?- is 0-29, which suggests that these minerals are based on 
four-coordinate silicon; that is, on the (SiO,)* tetrahedron. This can also be 
predicted from hybridization of the orbitals used for bonding. 


15 25 2р 35 3p 

a 
Electroni f sili 
Еа 


four unpaired electrons form four bonds with oxygen 
atoms—sp? hybridization—tetrahedral structure 


The way in which the (SiO,)* tetrahedral units are linked together provides а 
convenient classification of the many silicate minerals. ' 


Orthosilicates. These contain discrete (SiO,)* tetrahedra. The oxygen 
atoms form coordinate bonds to the associated metal ions (see Fig. 5.9). 
Various structures are formed, depending on how many coordinate bonds are 
formed, that is on the coordination number of the metal. Thus in willemite 
Zn,SiO, and phenacite Be,SiO,, the zinc and beryllium ions are tetrahedrally 
Surrounded by four oxygen atoms. In forsterite, Mg,SiO,, the magnesium is 
Surrounded octahedrally by six oxygen atoms, and in zircon, ZrSiO,, the coor- 
dination number of zirconium is eight. 

If silicate minerals are regarded as a hexagonal close-packed arrangement of 
Oxide ions, two tetrahedral holes are formed for every one octahedral hole. 
These may be filled by cations (Si*- or metal ions) or left empty. The type of 


x hole occupied by a particular metal ion may be predicted from the radius ratio 
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Fig. 5.9 (After T. Moeller.) 


with the exception of AP*, which can occupy either type of hole (see Table 
5.5). Although the radius ratio principle is a useful guide, it is only strictly ap- 
plicable to ionic compounds, and silicates are partly covalent. 


TABLE 5.5 
Oxide Radius Coordination Type of hole 
ratio number occupied 
Be?* :0?- 0.25 4 Tetrahedral 
Sit*:07- 0-29 4 Tetrahedral 
AP*:0?- 0-42 4or6 Tetrahedral or 
octahedral 
-Mg?* :0?- 0-59 6 Octahedral 
Бе?+:02- 0-68 6 Octahedral 


COLI ЗЕ ee NN 

The mineral olivine (Mg, Fe),SiO, has the same structure as forsterite, but 
about one tenth of the Mg?* ions in forsterite are replaced by Fe?* ions. Since 
the ions have similar radii, Mg^* 0-65 А, Fe?* 0.75 A, and occupy the same 
type of hole, substitution of one ion for another does not change the structure. 
This is known as isomorphous replacement. In certain minerals AI** replaces 
Si** in tetrahedral holes since these ions have similar sizes, but an extra 
positive ion must also be added to maintain electrical neutrality. 


Pyrosilicates. Two tetrahedral units are joined by one oxygen giving the 
(Si,0,)* ion (see Fig. 5.10). 


Fig.5.10 (After T. Moeller.) 
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This is the simplest of the condensed silicate ions but is uncommon. The 
only two known examples are thorteveitite Sc,(Si,0;) and hemimorphite 
Zn,(OH),(Si,O,).H,0. 


Cyclic silicates. If two oxygens per tetrahedron are shared, ring structures 
may be formed of general formula (SiO;),?"- (Fig. 5.11). The cyclic ion Si,0,°- 


Fig. 5.11 (After T. Moeller.) 


occurs in wollastonite Ca,(Si,O,) and benitoite BaTi(Si,O,); and SiO, 
occurs in beryl Be,Al,(Si,Q,,). In beryl the Si,O,, units are superimposed one 
above the other leaving channels, hence the mineral is permeable to gases 
which have small molecules, e.g. helium. 


Chain silicates. The sharing of two oxygens by each tetrahedron may result 
in simple chains (pyroxenes) of formula (SiO ),?- (see Fig. 5. 12). Examples 
include enstatite MgSiO, and spodumene LiAl(SiO,),. Double chains 
(amphiboles) of formula (Si,O,,),°"~ are well known (see Fig. 5.13), where two 
simple chains are joined together by shared oxygens. Thus some tetrahedra 
share two oxygens, others three. 

A typical amphibole is tremolite, Ca;Mg;Si,O,,. (OH);. Amphiboles always 
contain hydroxyl groups, which are attached to the metal ions. The metal ions 
hold the parallel chains of both pyroxenes and amphiboles together. Since the 
Si-O bonds in the chains are strong and directional, pyroxenes and amphiboles 
cleave readily parallel to the chains and form fibres. The characteristic cleavage 
angles of 89° for pyroxenes and 56° for amphiboles are related to the size of 


Fig. 5.14 
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the cross-sectional trapezium of the chains and the way in which they are 
packed together (see Fig. 5.14). The term asbestos minerals was originally con- 
fined to fibrous amphiboles derived from tremolite or crocidolite by iso- 
morphous replacement of metals or silicon. The name asbestos is also applied 
to derivatives of the sheet silicates. Commercial asbestos is mostly chrysotile 
which is the magnesium analogue of kaolin, a sheet silicate: 


kaolin; Al,(OH),Si,O, chrysotile; Mg,(OH),Si,O, 


Sheet silicates. The sharing of three oxygen atoms per tetrahedron results in 
an infinite two-dimensional sheet, of empirical formula (Si,O,),”"" (see Fig. 
5.15). Individual layers are held together by the electrostatic forces of the metal 
ions present. These forces are not as strong as the bonds in the Si-O sheet, and 
so the minerals cleave into thin sheets. Minerals in this group include 
aluminosilicate clays and the micas. The sheets are not simple silicate layers, 
but usually contain sub-layers made up of a combination of SiO, and AIO, tetra- 
hedra and MgO, and AIO, octahedra held together by shared oxygen atoms. 
Two common examples of clay minerals are talc Mg,(OH),(Si,O,,) and kaolin 
Al,(OH),(Si,O,). If Si is replaced by Al and an alkali metal, much harder 
micas are formed, e.g. muscovite КАІ,(ОН), (Si,Al0 0). 
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Three-dimensional silicates. If all four oxygens of a SiO, tetrahedron are 
shared with other tetrahedra, a three-dimensional lattice is formed, and if there 
is no replacement of Si by metals, the formula is SiO, (quartz, tridymite or 
cristobalite). Isomorphous replacement of Sitt by АР+ in tetrahedral 
positions in the SiO, lattice requires the presence of additional metal ions in the 
lattice, to preserve electrical neutrality. Such replacement results in groups of 
minerals called feldspars, zeolites and ultramarines. 

The feldspars are the most important rock forming minerals and constitute 
two thirds of the igneous rocks. Feldspars are divided into two groups accord- 
ing to the symmetry of their structure. ` 


Orthoclase feldspars Plagioclase feldspars 
orthoclase KAISi,O, albite NaAISi,O, 
celsian BaAl,Si,O, anorthite СаА!,51,0, 


Orthoclases аге more symmetrical than plagioclases since К+ and Ва?* are 
just the right size to fit into the lattice whilst Na+ and Ca*+, being smaller allow 
distortion. 

Zeolites are the most important of the three-dimensional silicates. They have 
a much more open structure than the feldspars, which permits them to take up 
or lose water quite readily from the channels in the honeycomb-like structure. 
A variety of other molecules such as CO,, NH, and EtOH may also by absorbed 
instead of water; zeolites act as molecular sieves by absorbing molecules 
small enough to enter the cavities, but not those which are too big to enter. 

. Zeolites also act as natural ion exchangers. For example, Permutit water 
softeners are sodium zeolites. They take Ca?* ions from hard water and replace 
them by Nat, thereby softening the water. The Permutit softener is regenerated 
by treatment with brine, when the reverse process takes place. Many synthetic 
zeolites have been made in addition to naturally occurring minerals, such as 
natrolite Na,(Al,Si,O,.)2H,O, heulandite Ca(ALSi,O,,). 6H,O and analcite 
Na(AISi,O,).H,O. 

The ultramarines are synthetically produced. Many are coloured and are 
used as pigments, although some are colourless. In contrast to the zeolites, 
ultramarines contain no water, but, apart from the metal ions which are intro- 
duced to balance the charges when А+ replaces Si**, extra anions and cations 
(e.g. СІ, SO? and 5,2-) are situated in the cavities. Exchange of these ions 
and the metal ions is possible as with the zeolites, and sodalite is converted to 
аы Шын c ^» es sulphate. Some examples of ultramarines 

H rine і i i 
Ne ALSO 80, a,(Al,Si,O,,)S,, sodalite Na,(Al,Si,O,,)Cl, and nosean 

Silicates are the most important compounds of silicon because the glass, 
ceramic and cement industries are based on their chemistry. The metallurgical 
industries are also concerned with silicates because many minerals are silicates 
and because of their presence in slags. 
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Silicones (refs. 12 and 14—17) 


The silicones are a group of organosilicon polymers. They have a wide 
variety of commercial uses, and the annual production of about 50 000 tons in 
the Western world makes then the second most important group of organo- 
metallic compounds. 

The complete hydrolysis of SiCl, yields silica SiO;, which has a very stable 
three-dimensional structure. The fundamental research of F. S. Kipping on the 
hydrolysis of alkyl-substituted chlorosilanes led, not to the expected silicon 
compound analogous to a ketone, but to long-chain polymers called silicones. 
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The starting materials for the manufacture of silicones are alkyl-substituted 
chlorosilanes. Thus the hydrolysis of trialkylmonochlorosilane R,SiCI yields 
hexa-alkylsiloxane. 
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The dialkyldichlorosilane R,SiCl, on hydrolysis gives rise to straight chain 
polymers and, since an active OH group is left at each end of the chain, poly- 
merization continues and the chain increases in length. 
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The hydrolysis of alkyl trichlorosilane RSiCl, gives a very complex cross- 
linked polymer. 
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If some R,SiCl is mixed with the А ,51СІ, and hydrolysed, the R,SiCl will block 
the end of the chain produced by R;SiCL, since it has only one functional -OH 
group and will thus limit the chain size. Similarly, the addition of RSiC1, to the 
hydrolysis mixture produces cross-linking. Small amounts of (CH,)SiHCI, are 
sometimes used to produce a few cross-links or for attaching other molecules. 
By controlled mixing of the reactants, any given type of polymer can be pro- 
duced. 
Alkyl chlorosilanes are prepared by a Grignard reaction 


SiCl, + CH,MgCl > CH,.Si.Cl, + MgCl, 
CH,.SiCl, + CH,MgCl > (CH,),SiCl, + MgCl, 
(CH,),SiCI, + CH,MgC! + (CH,),SiCI + MgCl, 


and by the ‘Direct Process’, where chlorinated hydrocarbons react with silicon 
in the presence of 4 metal catalyst. 


x s Cu catalyst 
Si + 2СН;СІ E БО. 


Both methods yield a mixture of products, and careful fractionation is impor- 
tant. The products are highly reactive and inflammable and the reaction with 
water is strongly exothermic. a 
- Silicones are fairly expensive but have many desirable properties. They were 
originally developed as electrical insulators, because they are more stable to 
heat than organic polymers, and if they do break down they do not produce 
conducting material like carbon. Their durability and inertness is related to 
their stable silica-like arrangement of Si-O-Si-O-Si, and the very high bond 
energy (502 kJ mol-!) of the Si-O bond. 

Straight chain polymers of 20 to 500 units are used as silicone fluids. The 
boiling point and viscosity increase with chain length. These fluids are water 
repellent because Of the orgamic side groupe Sie ie are made of long 
straight-chain polymers, 6000-7000 Si units long, with occasional cross-links, 
mixed with a filler such as finely divided SiO, or graphite. 

Most of the polymers are stable to heat, up to a temperature of at least 
200 °C; the most heat-stable side groups are phenyl groups, followed by the 
methyl, ethyl and propyl groups in descending order of stability. On heating in 
air to 350-400 °C, silicones are rapidly oxidized and cross-links are formed. 
The polymer becomes brittle and cracks, and low molecular weight polymers 
and cyclic structures are evolved. Strong heating in the absence of air causes 
silicones to soften and form volatile products, but oxidation and cross-linking 
do not occur. These polymers are used in waterproofing textiles, in glassware, 
as lubricants and releasing agents and as polish and anti-foaming agents. 
Silicone rubbers are useful since they retain their elasticity from —90 E 
+250 °С and because they are good electrical insulators. 

Silicone resins are rigid polymers rather like bakelite, and are extensively 
cross-linked. They are used as electrical insulators, often mixed with glass fibre 


(CH,)SiCI, 
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- for additional strength. They are also used as non-stick coatings for pans, and 
are used in paints and varnish, and as water repellents for treating masonry. 


7 
Allotropy of Carbon 


Carbon exists in two crystalline forms, diamond and graphite. The black 
powder formed by the thermal decomposition of carbon compounds was once 
thought to be amorphous carbon, but is now regarded as finely divided graphite. 
Diamond is extremely unreactive, and in contrast graphite is quite reactive. 


Fig. 5.16 The crystal structure of diamond (WELLS, A. F., Structural Inorganic 
Chemistry, Clarendon Press, Oxford). 


In diamond, which is colourless, each carbon atom utilizes sp? hybrid or- 
bitals to form four bonds. Thus each carbon atom is tetrahedrally bonded to 
four other carbon atoms and a three-dimensional polymer is formed. Melting 
diamond involves breaking the strong covalent bonds which extend in all direc- 
tions; hence the melting point is abnormally high (about 3930 °C) and the 
Structure is very hard (see Fig. 5.16). 

Graphite forms a two-dimensional sheet-like polymeric structure. Each sheet 
may be regarded as a fused system of benzene rings, and illustrates the ability 
of carbon to form multiple bonds (see Fig. 5.17). The layers are held together 
by relatively weak уап der Waals forces and are about 3-35 A apart, which is 
more than twice the covalent radius of carbon (1-54 A). The wide separation 
accounts for the density of graphite (2-22 g/cc) being much lower than 
diamond (3-51 g/cc). Graphite is quite soft and cleaves easily between the 
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layers; hence it has lubricating properties which contrast with the abrasive 
properties of diamond (see Fig. 5.17). Only three of the valency electrons of 
each carbon atom are involved in forming sp? hybrid bonds, the fourth electron 


4 
Fig.5.17 The crystal structure of a graphite sheet. 


forming a z bond. Because z electrons are mobile, graphite can conduct 
electricity. Graphite is the thermodynamically stable form of carbon by 1.9 kJ 
mol-! at room temperature and ordinary pressure; it can be converted to 
diamond at 1600 °С by a pressure of 50—60 000 atmospheres. 


Graphitic Compounds 


The z electrons in graphite are shared by a whole layer of carbon atoms and 
they can react with other elements without breaking either the rings or the 
layers. The reacting atoms, molecules or ions go in between the layers and thus 
greatly increase the distance between layers. Some of these lamellar com- 
pounds have a higher electrical conductivity than graphite whilst others are 
non-conducting. These are considered in turn. 

Graphite absorbs the vapours of the heavier Group I metals potassium, 
rubidium and caesium, forming blue- or bronze-coloured compounds depend- 
ing on the number of layers invaded by the metal. The bronze colour is due to 
the formation of metal atom clusters at high metal concentrations, as with 
solutions of the metals in liquid ammonia. 


C - Mo C4M > CM >C, M ^ C4,M ^ CM 
Invasion of different numbers of layers in graphite compounds 
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The graphite sheets remain flat, and retain their л electron system, and conse- 
quently conduct electricity. The presence of the invading species may force the 
graphite sheets apart from their usual distance of 3-35 А up to as much as 
10 À. ! 
The halogens СІ, and Br,, many halides FeCl,, oxides MoO,, sulphides FeS, 
- and ammonia may penetrate the structure in this way. Their presence increases 
the conductivity of graphite either by adding electrons to the л system 
(K + К+ + е) or by removing bonding electrons (СІ + e > Cl-) thus leaving a 
‘positive hole’ in the sheet which can migrate, and therefore carry current. The 
exact nature of these mechanisms has not yet been definitely settled. 

If graphite is oxidized with strong reagents such as concentrated nitric acid, 
perchloric acid or potassium permanganate, graphite oxide is obtained as a 
nonstoichiometric compound where ће О :C ratio approaches 1:2, but is of- 
ten short of oxygen and frequently contains hydrogen. The interlayer spacing is 
increased to 6—7 À, but the oxide absorbs a variety of molecules such as water, 
alcohols and acetone when the spacing may increase to 19 À. The oxygen is 
thought to form ether-like linkages C—O—C and possibly keto and enol forms 
as well C=O Ус-он. Since all four electrons on a carbon atom аге now in- 
volved in c bonding, there are now no mobile л electrons, hence the loss of 
electrical conductivity. The layers should become buckled, but this remains to 
be proved. Graphite fluoride with a ratio F:C of up to 0-99:1 is formed by 
direct combination and has a layer spacing of about 8 A. The tetrahedral bond- 
ing should result in buckled sheets and graphite fluoride is non-conducting, and 
almost colourless. 


— Carbides 


Compounds of carbon and a less electronegative element are called carbides. 
| This excludes compounds with nitrogen, phosphorus, oxygen, sulphur and the 
halogens from this section. Carbides are of three main types: ionic or salt-like, 
interstitial or metallic, and covalent. All three types are prepared by heating the 
- Metal or its oxide with carbon or a hydrocarbon at temperatures of 2000 °C. 
Salt-like carbides are formed mainly by the elements in Groups I, II and III, 
the Coinage metals, zinc and cadmium and some of the lanthanides. They con- 
__ tain the carbide ion (-C=C-)*-. Since these react with water liberating acetyl- 
- ene they are called acetylides. 
CaC, + 2Н,0 > Ca(OH), + HC=CH 
Beryllium carbide Ве,С and aluminium carbide Al,C; yield methane on hydro- 
lysis, and one of the two carbides of magnesium Mg,C, yields methyl acetylene 
CH,—C—CH. The acetylides have a NaCl type of lattice, but the shape of the 
(C=C)?- ion elongates the unit cell in one direction in CaC;. 
Interstitial carbides are formed mostly by transition elements, particularly 
te chromium, manganese and iron groups. They are typically very high- 
. (TaC m.pt. 3900°C) and very hard (9-10 on Моћ? scale of 
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hardness), and WC is used for cutting tools. The carbon atoms occupy octa- 
hedral holes in the close-packed metal lattice, and do not affect the electrical 
conductivity of the metal. Provided that the radius of the metal atoms is greater 
than about 1-3 A, the carbon atoms can enter the metal lattice without distort- 
ing it. The metals Cr, Mn, Fe, Co and Ni have radii below 1-3 A, hence the 
metal lattice is distorted and these’ carbides are intermediate in properties 
between ionic and interstitial. They are hydrolysed by water and acids, giving 
a mixture of hydrocarbons and hydrogen. These carbides have chains of 
carbon atoms running through a distorted metal structure. 

Of the covalent carbides, SiC and B,C are the most important. Silicon 
carbide is hard, infusible and chemically inert and occurs in three forms. It is 
widely used as an abrasive called carborundum. It has a three-dimensional 
structure of Si and C atoms, each tetrahedrally surrounded by four of the other 
kind. Boron carbide is even harder than silicon carbide and is used both as an 
abrasive and as a shield from radiation. 


Cyanides 


The alkali metal cyanides, particularly NaCN, are made in quantity by high- 
temperature reactions from sodamide or sodium carbonate. 


NaNH, +С +H, + NaCN 
Na,CO, + 4C + N, + 3CO + 2NaCN 


The cyanide ion is important in forming stable complexes, particularly with 
the metals of the Cr, Mn, Fe, Co, Ni, Cu and Zn groups. Two common com- 
plexes are ferrocyanides [Fe(CN),]* and ferricyanides [Fe(CN),]?-. The 
reason why the later transition elements form such stable cyanide complexes is 
that these elements have more filled d orbitals, so that there is a greater chance 
that the original coordinate bond M < (CN)- may be supplemented by dative 7 
back-bonding as in the carbonyls. The extreme toxicity of cyanides is due to 
the cyanide ion complexing with metals in enzymes and haemoglobin in the 
body, thus preventing normal metabolism. Besides forming many complexes 
analogous to halide complexes, the cyanide ion often brings out the maximum 
coordination number of a metal. Thus Fe?* gives [FeCl,]- with chloride ions, 
but [Fe(CN),]*~ with cyanide ions. Many metal ions such as Cut, Nit, Mn*, 
Aut and Mn?*, which are too unstable to exist in solution, are quite stable 
when complexed with cyanide ions. The formation of. complexes is important in 
the extraction of silver and gold, since the metals dissolve in a solution of 
sodium cyanide in the presence of air, and form sodium argentocyanide, from 
which the metal is recovered by reduction with zinc. 


2Ag + 4NaCN + H,O + О > 2NalAg(CN),] + 2NaOH 
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Cyanide ions may act as both complexing and reducing agents 
2Cu?* + 4CN- ^ (CN), + 2CuCN “=> [Cu(CN),]- 


In this reaction the cyanide ion is itself oxidized to cyanogen (CN), in much 
the same way as I- is oxidized to I, by Cu?*. In alkaline solution, cyanogen 
disproportionates into cyanide and cyanate ions. 


(CN), + 20H- + H,O + CN- + NCO- 


The cyanate ion is isoelectronic with carbon dioxide; hence they have similar 
structures and are both linear. 


О=С=О -N-C-O 


Hydrogen cyanide HCN is prepared either by acidification of ionic cyanides, 
or by dehydrating ammonium formate H.COO.NH, or formamide 
H.CONH,. Its boiling point, 26 °С, is abnormally high because of hydrogen 
bonding and it is one of the weakest acids known. HCN has been used as a 
non-aqueous ionizing solvent. 


Organic Derivatives 


The elements of this group have an extensive organometallic chemistry. The 
Silicone polymers have already been discussed. 

Tetra organic derivatives of Si, Ge, Sn and Pb may be prepared from the 
halides using Grignard or organolithium reagents. 


SiCI, + MeMgCI > MeSiCI, > Me,SiCl, + Me,SiCl + Me,Si 
РЫС, + LiEt > PbEt, + Pb + PbEt, 


The alkyl silicon chlorides are important as the starting materials for the 
manufacture of silicones, and tetraethyl lead is produced in large amounts and 
used as an ‘anti-knock’ additive to increase the octane number of petrol. The 
commercial preparation uses a sodium/lead alloy. 


Na/Pb + 4EtCl > PbEt, + 4NaCl 


PbEt, is the organometallic compound produced in the largest tonnage 
(300 000 tons in the USA in 1968). Lead is poisonous to man, and the fact 
that the lead from PbEt, finishes up in the atmosphere when petrol is burned 
has led to the introduction of lead-free petrol in the USA. 

A number of organotin and organolead compounds have pharmaceutical 
Properties. 
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Group V 
TABLE 5.6 
Element Electronic structure Oxidation states* Coordination 
numbers 
Nitrogen N [Hel 2s? 2p? = —II-I 0 (1) (2)3 4 
I HI HI IV V 

Phosphorus Р [Ne] 3s? 3p? n M 3456 
Arsenic As [Ar] 3d" 452 4p? m у 34(5)6 
Antimony Sb [Kr] 4d" 552 5р? ш у 34(5)6 
Bismuth Bi [Xe] 4f" 5d" 6s? 6р? RAON: 3 6 

* See p. 154. a 


Electronic Structure and Oxidation States 


The elements of this group all have five electrons in their outer shell. They 
exhibit a maximum oxidation state of five towards oxygen by using all five 
outer electrons in forming bonds. The tendency of the pair of s electrons to re- 
main inert (the inert pair effect) increases with increasing atomic weight. Thus, 
only the p electrons are used in bonding and trivalency results. Valencies of 3 
and 5 are shown with the halogens and with sulphur, and the hydrides are tri- 
valent. In the case of nitrogen, a very wide range of oxidation states exists: 
(—Ш) in ammonia NH,, (—П) in hydrazine N,H,, (—I) in hydroxylamine 
NH,OH, (0) in nitrogen N,, (+1) in nitrous oxide N,O, (+П) in nitric oxide 
NO, (+Ш) in nitrous acid HNO,, (+IV) in nitrogen dioxide NO, and (+V) in 
nitric acid HNO,. The negative oxidation states arise because the electro- 
negativity of H = 2-1 and that for N = 3-0. 


Bond Type 


The ionization energy required to produce M 5+ is so immense that it never 
occurs. The sum of the first three ionization energies for Sb and Bi are just low 
enough for them to form M?* ions. Fluorine is the only element which gives a 
large enough electronegativity difference to permit ionic bonds, and SbF, and 


——————————————O 


Covalent Tonization energies Pauling’s Abundance in 
radius kJ mol"! electronegativity earth’s crust 
A Ist 2nd 3rd p.p.m. 
N 0-74 1403 2857 4578 3-0 46-3 
Р 1-10 1012 1897 2910 2-1 1180 
As 1-21 947 1950 2732 2-0 5 
Sb 1-41 834 1590 2440 1-9 1 
Bi 1-52 703 1610 2467 1-9 0-2 
ee eS a See 
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ВІР, exist as ionic solids. The M?* ions are rapidly hydrolysed in water to 
SbO* and BiO*, but this change is reversed by adding 5M НСІ. 


: H,O : 
Bi* ==" Biot 
HCI 


It is also possible to gain three electrons and so attain an inert gas con- 
figuration. This occurs with N°-, but requires 2125 kJ mol-! of energy, so ionic 
nitrides are formed only by metals which have low ionization energies and 
form nitrides with high lattice energies (Li,N, Be,N,, Mg,N,, Ca,N,). 

In the majority of derivatives of these elements, the bonds are covalent. 


$ 


р 
Outer electronic i i n i 
Structure of Group V | 
element 


The three unpaired electrons form bonds with three other atoms, and the resul- 
tant molecule is tetrahedral with one position occupied by a lone pair. A coor- 
dination number of 4 is obtained by donating this lone pair to another atom or 
ion, for example in the ammonium ion: 


Ht 


H 


Because the second shell of electrons is limited to an octet, nitrogen cannot 
extend its coordination number beyond 4. The other elements may have coor- 
dination numbers of 5 in PCI, or 6 in [PCI,]-, and this is explained by involv- 
ing one or two d orbitals and having sp?d ог sp?d? hybridization. The 3d or- 
bitals of an isolated phosphorus atom are much larger than the 3s and 3p or- 
bitals, and this might at first sight make such hybridization improbable. How- 
ever, when electronegative ligands are placed round the phosphorus atom, the 
3d orbitals contract to nearly the same size as the 3s and 3p orbitals. (The ex- 
tent of d orbital participation in с bonding is discussed in Chapter 2.) Thus 
nitrogen cannot form complexes by accepting electron pairs from other 
ligands, but the subsequent elements can form such complexes. 

Nitrogen also differs from the other elements in that it can form strong рл-рл 


multiple bonds, and so forms a number of compounds which have no counter- 


Parts in the other elements. These include nitrates NO,-, nitrites NO,~, azides 
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Ny, nitrogen N=N, oxides of nitrogen N,O, NO, NO,, N;O,, cyanides 
C=N-, and azo and diazo compounds. Because nitrogen can form multiple 
bonds, the oxides N,O, and N,O, are monomeric, whilst the trioxides and pen- 
toxides of the other elements are dimeric. 


Reduction Potentials 
Acid solution 
Oxidation state 
+V +V +11 +11 +l о Е -~il ~lll 
-0-05 


E 


20:78. жы S e 159 . =) ЕЕ + 
N 1:07 ном 1 00 o мь0*177 1-87, HOH: н21:41. мн; 128 N 
0-94 0-86 1-35 
1-11 0:27 


Oxidation state 
+V +V + +1 o - БШ 


-0-94 +0:38 -0:50 -0-51 -0-1 • 0:0 
њро 2 нро ОЗ НРО —H, POr — P— РН; — PH 


-0:28 L -0-50 -0-065 


HAso, —+256 HASO, +025 qs -0-60 д.н, 


0-48 К E 
s GREY Sb0 098 o + 0:21 s 0-51 SbH; 
+ 0-58 
Bio ——t 6 — gigs +032 g -08 gi 
Basic solution 
Oxidation state 
+V +v +11 +1 + о -I -1 -!! 
-1:16 
_-—0:86,% 088, _- = 
N0j=288.1y70,0-88 (9-046 No076 не 0.94 094 y= 3-04 yoy 0-73 yy 071 мн, 
0-15 0-42 
0-10 -0:73 
Oxidation state 
+V + ! о = 
P 01-7112 ypo? 7157,59; 22:05 р -0-89 py 


-1:18 
" : -131 

* Disproportionates 

Metallic and Nonmetallic Character 


Within the group there is an increase in electropositive (metallic) character. 
N and P are nonmetals, As and Sb are metalloids which show many metallic 
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properties, and Bi is a true metal. This is shown in the appearance and struc- 
tures of the elements, their tendency to form positive ions and the properties of 
their oxides. Thus the normal oxides of N and P are strongly acidic, whilst As 
and Sb are amphoteric and Bi is largely basic. 


Structures of the Elements 


As in the previous groups, the first element differs from the rest. Thus 
nitrogen is gaseous and diatomic. This involves triply bonded nitrogen N=N 
which is very stable. The bond dissociation energy in N, is very high (941-4 
kJ mol), and in consequence nitrogen is relatively unreactive. The other ele- 
ments are solids and have allotropic forms. 


Fig. 5.18 The arrangement of atoms in the corrugated planes found in crystalline 
black phosphorus (VAN WAZER, J. R., Phosphorus and Its Compounds, Vol. 1, Inter- 
science, New York-London, 1958, p. 121). 


Phosphorus exists as tetrahedral P, molecules in the gaseous and liquid 
states, and also in the solid as a reactive form called white phosphorus. Above 
800 °C the gas begins to dissociate into P, molecules, which have a bond 
energy of 489-6 kJ mol-'. (This is only half the value for N, because of the 
relatively poor Зрл-3рл overlap.) Rapid cooling of this vapour gives brown 
phosphorus which probably contains P, molecules. If white phosphorus is 
heated above 250 °С for some time, the less reactive red phosphorus is formed, 
and heating white phosphorus under high pressure results in black phosphorus 
which is inert and has a layer structure (Fig. 5.18). Other more doubtful 
allotropes have been reported. 

Arsenic and antimony each have two allotropic forms—a reactive tetra- 
hedral form As, and Sb, which resembles white phosphorus, and much less 
reactive metallic forms with layer structures. 
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Bismuth only exists in one form which is metallic and forms a layer struc- 
ture. 


Layer structure of bismuth 


Fertilizers and Nitrogen Fixation 
Plant fertilizers normally contain three main ingredients: 


(i) Nitrogen in a combined form (commonly as ammonium nitrate or 
ammonium sulphate) for leaf growth. 

(ii) Phosphorus for root growth, usually as a slightly soluble form of 
phosphate such as ‘superphosphate’ (Ca,(PO,), treated with con- 
centrated H,SO,) or ‘triple superphosphate’ (Ca,(PO,), treated with 
Н;РО,). 


Са, (РО), + H,SO, > Ca,H,(PO,), + CaSO, 


‘superphosphate’ 


Ca,(PO,), + H,PO, > Ca,H,(PO,), 
‘triple superphosphate’ 


Basic slag, which is a by-product from the steel industry, is also used as 
a phosphate fertilizer. 
(iii) Potassium ions for flowering, often provided as K,SO,. 


Plants are unable to utilize the large amounts of N, gas in the atmosphere 
because it is so stable and unreactive. Combined forms of nitrogen absorbed by 
the roots are normally nitrates, nitrites, ammonium salts or urea CO(NH,),. А 
few bacteria can ‘fix’ atmospheric nitrogen, that is convert it into combined 
forms. The best example is Clostridium Pastorianum, which exists in the 
nodules on the roots of leguminous plants (the pea family). 

Chemical processes involving the fixation of atmospheric nitrogen include 
the Haber process for ammonia, and the formation of calcium cyanamide, 
which both involve high temperatures and pressure. There is considerable 
research into the possibility of finding transition metal catalysed systems which 
will absorb nitrogen and produce ammonia for fertilizers cheaply and without 
the necessity for high temperatures or pressure. One complex which absorbs 
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М, at room temperature is 


[Ru(NH,H,OP* +N, ——<+ [Ru(NHjN;P* 


solution 


A complete cycle of reactions for fixing atmospheric nitrogen to ammonia has 
been reported 4225/8883 206084 = 


2 CS 


* g 
TOR, —— Ti(OR), sé 
TK(OR, —2+ [TORN], ` 

У 
: 


рм уа 
[T(ORJN, -Grgog^ 2МН, + 4RO Na + (ОК) 


Calcium cyanamide is used in large amounts as a nitrogenous fertilizer, and as 
a source of organic chemicals such as melamine. 


CaC, +N, 1€, сасм, +С 


CaCN, + 5H,0 > CaCO, + 2NH,OH 


The most important commercial process is the Haber process, in which 
nitrogen and hydrogen combine directly: 


М, + 3H, = 2NH, + Heat 
LL —— 
4volumes 2 volumes 


High pressure and low temperature are indicated by Le Chatelier’s principle, 
but in practice 200—300 atmospheres, 450 °C and a catalyst of iron and molyb- 
denum are used to attain a 20% conversion on a single pass over the catalyst. 
The ammonia is condensed and the gases recycled. 

Vast quantities of NH4NO; are used as fertilizer (over a million tons per year 
in the UK) and this is made from ammonia and nitric acid. (NH4),SO, is also 
used as a fertilizer and is produced as a by-product in making caprolactam, 
which on polymerization forms nylon 6 (see hydroxylamine). 


. Hydrides 


All the elements form volatile hydrides of formula МН,. The ease of for- 
mation, stability, ability to use the lone pair of electrons for coordinate bond 
formation and the ease of replacing the hydrogens by other groups decreases 
from NH, to BiH. 

Ammonia is prepared in the laboratory by heating an ammonium salt with 
sodium hydroxide: 


NH,CI + NaOH — NaCl + NH, + H,O 


In the past, ammonia was obtained from the distillation of coal, or from the 
hydrolysis of calcium cyanamide, CaCN,. 
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Arsine AsH, and stibine SbH, are formed in Marsh’s test by the reduction of 
a trivalent arsenic or antimony compound with zinc and acid. 

The stability of the hydrides decreases on descending the group, as indicated 
by their bond energies. Consequently, SbH, and BiH, may be obtained in small 
amounts only. In Marsh’s test, the hydrides formed are passed through a glass 
tube heated with a burner. SbH, decomposes and gives a metallic mirror before 
the flame, but AsH, gives a mirror after the flame. Arsine, stibine and bis- 
muthine BiH, can be prepared from binary metal compounds such as Na,P, 
Zn,As,, Mg,Sb, or Mg,Bi, by the action of water or dilute acid. The structure 
of ammonia is described as pyramidal, or tetrahedral with one position oc- 
cupied by a lone pair (Fig. 5.19). 


2s 2p 
Electronic structüre of nitrogen 
atom—ground state 
Nitrogen having gained a share 
in three electrons from three [5] 
hydrogen atoms in NH, ——— 
molecule sp*-hybridization tetrahedral with one position 
occupied by a lone pair 
TABLE 5.7 
Electronegativity Bond angle Bond energy 
kJ mol"! 
М=3.0 H-N-H = 106° 45’ N-H = 389 
P=2-1 H-P-H = 94° Р-Н = 318 
Аѕ= 2:0 H-As-H = 91° 48' As-H = 247 
Sb=1-9 H-Sb-H = 91° 18’ Sb-H = 255 


Since the repulsion between a lone pair and a bond pair of electrons always ex- 
coeds that between two bond pairs, the regular tetrahedral shape is distorted. 


Fig. 5.19 


As the electronegativity of the central atoms dec- 
reases in PH,, AsH, and SbH,, the bond pairs 
become further away from the central atom, hence 
the lone pair causes even greater distortion (Table 
5.7). The bond angles become close to 90? suggest- 
ing that almost pure p orbitals are used for М-Н 

Н bonding, and that the lone pair occupies a spherical s 
orbital. This could explain why ammonia can donate 
its lone pair quite readily to form complexes whilst 
the donor properties of the other hydrides are very 
weak. Thus ammonia forms ammonium NH,* salts 
very readily, and utilizes the lone pair of electrons to 
form a coordinate bond. Phosphine forms salts with 
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HCI and HI only under anhydrous conditions, whilst the other hydrides do not 
form coordinate bonds. Ammonia also forms coordination complexes with 
metal ions from the Co, Ni, Cu and Zn groups, whtich accords with its strong 
donor properties. Ammonia is a weak base, and is hydrogen-bonded in the 
liquid state. Phosphine is a very much weaker base, and like AsH,, SbH, and 
BiH, does not form hydrogen bonds. These hydrides are strong reducing 
agents and react with solutions of metal ions to give phosphides, arsenides and 
stibnides. They are inflammable and extremely poisonous. 
Nitrogen forms several hydrides (see Table 5.8). 


TABLE 5.8 
Formula Name Oxidation state 
NH, Ammonia -Ш 
М,Н, Hydrazine -Ii 
NH,OH Hydroxylamine -I 


LLLI c Ш 

Hydrazine is a covalent liquid and has recently attracted attention as a 
rocket fuel because of its strong reducing properties. It is basic and forms two 
series of salts. 

NH, + HX М,Н, + X- 
М,Н, + 2HX ^ NHg* + 2X- 
Hydrazine is still manufactured by the Raschig process, where ammonia is oxi- 
dized by sodium hypochlorite in dilute aqueous solution: 
NH, + NaOCl = NH,CI + NaOH (fast) 
2NH, + NH,Cl = МН,МН, + NH,CI (slow) 
Side reactions which decrease the yield are inhibited by the addition of glue or 
gelatin as a negative catalyst. An excess of ammonia favours the reaction. 
Heavy metal ions present in solution catalyse this reaction and the glue com- 
plexes with these ions 
М,Н, + 2NH,Cl > N, + 2NH,CI 
A dilute solution is necessary because of another side reaction 
3NH,Cl + 2NH, > N, + 3NH,Cl 

A 2% solution of hydrazine can be made in this way, and it is concentrated 
either by distillation, or by precipitating the salt hydrazine sulphate 
N,H,.H,SO,. 

The structure of hydrazine is similar to that of hydrogen peroxide and the 
chemistry of the two are related: 


ue H 
N—M H-0-0-H 
/ \ 


н н 
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The fact that two nitrogen atoms are joined together indicates that the N-N 
bond is stable. Hydrazine is a powerful reducing agent in alkaline solution, but 
is only a mild agent in acidic or neutral solution. 
М,Н, + 21, > 4HI + N, 
М,Н, + 20, > 2Н,0, + N, 
When there are powerful reducing agents in acidic solution, it is forced to react 
as an oxidizing agent. 
М,Н, + Zn + 2HCI > 2NH, + ZnCl, 


The nitrogen atoms of hydrazine have a lone pair of electrons, which can form 
coordinate bonds to metal ions such as Ni?* and Co?*, and phenyl hydrazine 
is used to characterize carbonyl compounds and sugars. Hydrazine is used in- 
dustrially to treat boiler feed water to prevent oxidation of the boiler and pipes. 
It is also used in the manufacture of ‘blowing agents’ for producing blown 
plastics. 

Phosphorus forms an unstable hydride P,H,, which has little chemical 
similarity to N,H,. 

Hydroxylamine, like hydrazine, is a weaker base than ammonia. 

NH,OH + НСІ > [NH,OH]*CI- 
NH,OH + H,SO, > [NH,OH]+HSO,- 
It is manufactured by reducing nitrites, or from nitromethane 
NH,NO, + NH,HSO, + SO, + 2Н,0 > [NH,OH]*HSO,- + (NH,),SO, 
CH;NO, + Н,50, + [NH,OH]*HSO,- + CO 

Hydroxylamine generally behaves as a mild reducing agent, but it can act as an 
oxidizing agent. It can form coordinate bonds, and complexes with metals. It is 


manufactured in large quantities to make cyclohexanone oxime, which is 
converted to caprolactam and polymerized to give nylon 6. 


о 


О NOH с2 
NH20H Oleum We 
( / 
CH, 
Cyclohexanone Cyclohexanone c i 
oxime aprolactam 
CO NH-(CHj),- CO] —NH-- 
Nylon 6 
Occurrence and Extraction 


Nitrogen comprises 7896 of the earth's atmosphere and it also occurs as 
nitrates, the most common being Chile saltpetre NaNO,. It is important as an 
essential constituent of proteins, and is also used in fertilizers and explosives. 
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Nitrogen is used in large amounts in the manufacture of ammonia and calcium 
cyanamide. It is also used as a refrigerant and as an inert atmosphere. It is 
obtained commercially by the fractional distillation of liquid air (N, b.pt. 
—196 °C; О, b.pt. —183 °C), but when it is obtained in this way it contains a 
trace of oxygen. Nitrogen obtained by removing the other constituents from air 
contains traces of the inert gases. In the laboratory it is made by warming 
ammonium nitrite or by oxidizing ammonia with sodium or calcium 
hypochlorite. 
NH,CI + NaNO, > NaCl + NH,NO, > N, + 2H,O 
4NH, + 3Ca(OCI), > 3CaCl, + 6H,0 + 2N, 


Small quantities of very pure nitrogen may be obtained by carefully warming 
NaN,, sodium azide. 

Phosphorus is the tenth most abundant element in the earth’s crust and is 
important in biological metabolism (since it occurs in nucleic acids), in bones 
as Ca,(PO,), and in fertilizers. It is obtained by the reduction of calcium 
phosphate with carbon and silica SiO, in an electric furnace at 1300 °C. The 
phosphorus distils off leaving calcium silicate behind. 

Ca,PO, + SiO, + CaSiO, + P,O,, 
P0, 4 C^P«CO 
Most of the phosphorus produced is used to make phosphoric acid H,PO,, but 
other uses are for making P,S,,, POCI, and phosphor bronze. Arsenic, anti- 
mony and bismuth are not very abundant, but are well known because they are 
obtained as metallurgical by-products. (As from the flue dust in the extraction 
of Fe, Co and.Ni; Sb from Zn ores; and Bi from the flue dust from roasting 
PbS.) The metals are easily extracted by reduction of the oxides with carbon. 


Liquid Ammonia as a Solvent (refs. 18 and 19) 


Liquid ammonia is the most studied non-aqueous solvent and it resembles 
the aqueous system quite closely. Both water and ammonia undergo self- 
ionization: 

2H,0 = Н;0+ + OH- 
2NH, = NH,* + NH; 


Thus, substances producing H,O* ions in water are acids, and ammonium salts 
are acids in liquid ammonia. Similarly, substances producing OH- in water or 
NH; in liquid ammonia are bases in that solvent. 
Thus acid base neutralization reactions occur in both solvents, and 
phenolphthalein may be used to detect the end-point in either: 
HCI + NaOH > NaCl + H,O (in water) 


acid base salt solvent 
NH4CI + NaNH, > NaCl + 2NH, (in ammonia) 
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In a similar way, precipitation reactions occur in both solvents. However, 
the direction of the reaction is a function of the solvent: 
(NH,),S + Cu? = Cu,Si (in water) 
(NH,),S + Cut ^ Cu,S} (in ammonia) 
BaCl, + 2AgNO, -» Ba(NO,), + 2AgCli (in water) 
BaCl, 4+ 2Ag(NO,)+ Ba(NO,), + 2AgCl (їп ammonia) 


Amphoteric behaviour is observed in both solvents, for example Zn(OH), is 
amphoteric in water and Zn(NH,), is amphoteric in ammonia: 


excess 
Zn?* + NaOH > Zn(OH), + NaOH > Na,[Zn(OH),] in water 


insoluble soluble 
excess 
Zn** + KNH, > Zn(NH,), + KNH, ^ K,[Zn(NH,),] in ammonia 
insoluble soluble 


Liquid ammonia is an extremely good solvent for the alkali metals and Ca, 
Sr and Ba. The metals are very soluble and have a conductivity comparable to 
that of pure metals. The ammonia solvates the metal ions, but is resistant to 
reduction by the free electrons. These solutions of metals in liquid ammonia are 
very good reducing agents either because they add electrons or produce nas- 
cent hydrogen with acids such as ammonium salts, 

liquid 
Na Ah Nat +e 
orNHt + e>NH,+H 

Liquid sodium is used in the cooling of nuclear reactors. The cooling system 
needs cleaning periodically. Liquid ammonia is a good solvent for metals, but it 
leaves a trace of finely divided sodium which is pyrophoric. Thus it is necessary 
to destroy the sodium by using an acid and liquid ammonia: 

in NH, 
2NH,Br+2Na ““—, 2NaBr + H; + 2NH, 

Because liquid ammonia accepts protons readily, it enhances the ionization 

of so-called weak acids such as acetic acid. 


CH,.COOH = CH,.COO- + Н+ 


Removal of H* by NH, causes the reaction to proceed in the forward direc- 
tion. Thus acetic acid has a pK value of 5 in water but is almost completely 
ionized in liquid ammonia. Ammonia thus reduces the difference between the 
strengths of acids, and is called a levelling solvent. 


Hydrazoic Acid and Azides 


Hydrazoic acid HN, is explosive when pure, but stable in aqueous solution. 
It dissociates slightly in water (pK — 5) and behaves as a weak acid. It reacts 
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with electropositive metals forming salts called azides, but unlike other acid + 
metal reactions, no hydrogen is evolved. 
6HN, + 4Li ^ 4LiN, + 2NH, + 2N, 
lithium azide 
Sodium azide can be made by reaction between nitrous oxide and sodamide 
under anhydrous conditions: 


N,O + NaNH, + Na*(N;)- 


Lead azide Pb(N,), has been used as a detonator and cyanuric triazide is a 
powerful explosive (Fig. 5.20). On the other hand, azides are used as organic 


N М. N 
toL 
Ko“ 
| 
М, 

Fig. 5.20 Cyanuric triazide. 


intermediates and dyestuffs. Covalent azides are usually much less stable than 
ionic azides. For the (N,)~ ion, three resonance structures may be drawn: 


= + =- 2- + = 


m rr $2 
:N=N=N: :N-N=N: :NEN-N: 


For the acid HN, which is largely covalent, three resonance structures may 
also be drawn, but, according to Pauling's adjacent charge rule, one structure 
is excluded, since two adjacent atoms have the same charge. 


+ ‹— - + +\+ 2- 
N=N=N: N—N=N: NezX-N: 
H^ H^ D H^ . 


The increased stability of the ionic azides may be due to the increased number 
of permissible resonance forms. Analysis of N,~ is by oxidation of H,S. 


NaN, + H,S + H,O > NH, + N, + S + NaOH 


Halides 


Nitrogen forms a series of halides derived from hydrazoic acid. Fluorazide 
FN,, chlorazide CIN,, bromazide BrN, and iodazide IN, resemble the covalent 
azides in that they are extremely unstable and explosive. 


Trihalides (refs. 21, 30-32, 35). All the possible trihalides of N, P, As, Sb 
and Bi are known. The nitrogen compounds are the least stable. NF; is stable, 
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but NCI, is explosive, and NBr, and NI, are known only as their unstable 
ammoniates NBr,.6NH, апа NI,.6NH,. The latter compound detonates 
unless excess ammonia is present. These halides are predominantly covalent 
and, like NH,, have a tetrahedral structure with one position occupied by a 
lone pair. BiF, is, however, ionic and the other halides of Bi and SbF, are 
intermediate in character. 

NCI, was formerly sold as ‘agene’ to bleach flour, but this use declined when 
it was suspected that bread made from flour bleached in this way sent dogs 
mad, 

The trihalides all hydrolyse readily with water, but the products vary depen- 
ding on the element 


NCI, + 3H,0 ^ NH, + 3HOCI 
PCI, + 3Н,О + H,PO, + 3HCI 
АзС1, + 3H,O + H,AsO, + 3HCI 
SbCl, + H,O ^ SbO* + 3CI- + 2H* 
ВІСІ, + H,O > BiO+ + 3CI- + 2H* 
In contrast NF, is stable to hydrolysis unless sparked with water vapour 
2NF, + 3H,O ^ 6HF + N,O, 

NF, has little tendency to act as a donor molecule and form coordinate 
bonds with its lone pair of electrons, but the phosphorous trihalides (and to a 
lesser degree the antimony trihalides) can coordinate in this way. 

Ni(CO), + АРЕ, > Ni(PF,), + 4CO 
The trihalides also show acceptor properties, and complex ions such as 
[SbF,P- and [Sb,F,]- are known. They also react with a variety of 
organometallic reagents forming compounds MR, РСІ, can be oxidized by 
oxygen or phosphorus pentoxide to give phosphorus oxychloride POCI,. 
2PCI, + О, > 2POCI, 
6PCI, + P,O,, + 6Cl, > 10POCI, 


Phosphorus oxychloride is used in large amounts in the manufacture of trialkyl 
and triaryl phosphates (RO),PO. 


„ОЕ! 
OPCI, + 3EtOH > aoe Triethyl phosphate 
t 


E 
,0.C,H,. CH, 

OPCI, + 3 HO H, + O=P—O.C,H,.CH, Tritollylphosphate 
0.C,H,.CH, 


A number of these phosphate derivatives are commercially important. Triethyl 
phosphate is used in producing systemic insecticides, tritollyl phosphate is a 
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petrol additive, triaryl phosphates are used as plasticizers with polyvinyl 
chloride, trioctyl phosphate is also a plasticizer, and tri-n-butyl phosphate is 
used for solvent extraction. 


Pentahalides (refs. 21 and 30-32). Nitrogen is unable to form pentahalides 
owing to the absence of suitable d orbitals, but the subsequent elements can do 
so and PF,, РСІ,, PBr,, AsF,, SbF, and SbCl, are known. These molecules 
have a trigonal bipyramid shape in the gas phase (see Fig. 5.21). 


3s 3p 3d 
Electronic structure of 
phosphorus ПЕД ЖЕЛЕ 


atom—ground state 
excited state [ia НТ ЁЛ 


—Á————— 
five singly-filled orbitals, can form five bonds—sp'd 
hybridization 


А trigonal bipyramid is not a regular structure ct 
Since some bond angles are 90? and others 120°. 
It is not very stable, and whilst the gaseous Ci 
halides have this structure, they may accept ап Ct 
additional ion which forms a coordinate bond by 
donating a lone pair into an empty d orbital. 
Thus an [MX] ion is formed which has а more CU 
Stable octahedral structure. In the solid state, 
PCI, splits into [РСІ,]- and [PCI,]* which have (ah 
octahedral and tetrahedral structures respectively. 2.5.21 
PBr, splits into [PBr,]* and Br-. Complete ng 
hydrolysis of the pentahalides yields the 
appropriate -ic acid. 

PCI, + 4Н,О + H,PO, + 5HCI 


Despite the existence of pentahalides, no hydrides MH, are known. To attain 
the five-valent state, d-orbitals must be used, and hydrogen is not electro- 
negative enough to contract the d-orbitals sufficiently, though PHF, and 
PH,F, have been isolated. 


~ 
Oxides and Oxyacids of Nitrogen 
The oxides and oxyacids of nitrogen all exhibit рл-рл multiple bonding be- 
tween the nitrogen and oxygen atoms. This does not occur with the heavier ele- 
ments in the group, and consequently nitrogen forms a number of compounds 
which have no P, As, Sb or Bi analogues. 


TABLE 5.9 
esses 
Formula Oxidation number Name 
N,O +1 Nitrous oxide 
NO + Nitric oxide 
N;0, +III Nitrogen sesquioxide 
NO,, NO, +IV Nitrogen dioxide, dinitrogen tetroxide 
20; +V Dinitrogen pentoxide 
(NO,, N,0) +VI Nitrogen trioxide, dinitrogen hexoxide 


very unstable 


EE e 


Nitrogen forms a very wide range of oxides, the lower ones being neutral, 
and the higher ones acidic (Table 5.9). 

Nitrous oxide is a stable, relatively unreactive gas and is prepared by gently 
heating ammonium nitrate. It is used as an anaesthetic, as a propellant for 
whipped ice-cream and in the preparation of azides: 


NH,NO, > NO + 2H,0 
N,O + NaNH, + NaN, + H,O 


The molecule is linear and there is resonance between two extreme structures: 


Nitrous oxide is a neutral oxide and does not form hyponitrous acid H,N,O, 
with water nor hyponitrites with alkali. 

Nitric oxide is a colourless Bas and is commercially important in the 
manufacture of nitric acid by oxidizing ammonia (Haber process) and in the 
obsolete Birkeland and Eyde process by sparking nitrogen and oxygen. It is 
prepared in the laboratory by the reduction of dilute nitric acid with copper, or 
nitrous acid with iodide ions: 


3Cu + 8HNO, + 2NO + 3Cu(NO,), + 4H,O 
2HNO, + 1- + 2H* + 2NO +1, + 2H,0 


Nitric oxide has eleven valency electrons. It is impossible for them all to be 
paired, hence this is an odd electron molecule and the gas is paramagnetic. 
However, the liquid and solid states are diamagnetic, because loose dimers are 
formed and the magnetic effect of unpaired electrons cancels out (Fig. 5.21). 


Fig. 5.21 Nitric oxide dimer. 
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The bonding in NO is best described by the molecular orbital theory (see 
Examples of molecular treatment in Chapter 2) which gives a calculated bond 
order of 24. The unpaired electron occupies an antibonding л*2р orbital, and if 
this electron is removed giving the nitrosonium ion NO*, the bond order 
becomes 3, and the bond length contracts from 1-15 A in NO to 1-06 A in 
NOt. Odd electron molecules are usually extremely reactive and tend to 
dimerize. NO is unusually stable for an odd electron molecule, but nevertheless 
it reacts instantly with oxygen and gives NO,, and with the halogens it gives 
nitrosyl halides NOCI. NO can also act as a ligand and form coordination 
compounds with transition metal ions, called nitrosyls. In these, it donates 
three electrons, rather than the usual two. See refs. 22 and 24—26. 

One such complex between Fe?* and NO is responsible for the colour in the 
*brown-ring test' for nitrates. NO is a neutral oxide and is not an acid anhyd- 
ride. 

Nitrogen sesquioxide is unstable and can be obtained by condensing NO and 
NO, together. It is an acidic oxide and is the anhydride of nitrous acid HONO. 
The structure of the oxide is not known, but the nitrite ion NO,~ has a plane 
triangular structure, in which one position is occupied by a lone pair. 


м2 — NO 


`o- ^o 
15 25 25 
Electronic structure of nitrogen 
atom—ground state 


_———* 
two unpaired used to form 
electrons form double bond 
two g bonds to О 
sp? hybridization —plane triangle structure with 
one position occupied by a lone pair 
Nitrous acid is unstable, but it is easily made in solution by acidifying a nitrite. 
Nitrous acid and nitrites may act as oxidizing agents with the formation of 
N;O or NO, although powerful oxidizing agents such as KMnO, and Cl, oxi- 
dize nitrite to nitrate NO,~. The nitrite ion is a good coordinating agent and 
because lone pairs of electrons are present in both N and O atoms, either can 
form a coordinate bond, so that isomerism occurs between М < NO, and 
M < ОМО. This is discussed in Chapter 8. Treatment of a solution of Co?* 
ions with NO,- ions results first in oxidation Co** + Co?*, then in complex 
formation giving [Co(NO,),]*~ ions. Precipitation of potassium cobaltinitrite 
K,[Co(NO,),] is used to detect K+ in qualitative analysis. 

Nitrogen dioxide is a red-brown poisonous gas and is produced on a large 
scale by oxidizing NO in the manufacture of nitric acid. In the laboratory it is 
Prepared by heating lead nitrate: 

2Pb(NO,), + 2PbO + 4NO, + О, 


216 


The gas condenses to a brown liquid which turns paler on cooling, and even- 
tually becomes a colourless solid. This is due to the dimerization of the dioxide 
to the colourless dinitrogen tetroxide: 
2NO, = N,0, 
paramagnetic diamagnetic 
The dioxide molecule is angular with an O-N-O angle of 132°. The bond 
length O-N of 1-20 A is intermediate between a single and a double bond. NO, 
is an odd electron molecule but, in contrast to NO, the resonance energy is in- 
sufficient to prevent dimerization. The dimer has no unpaired electrons and the 
solid has been shown by X-ray diffraction to have a planar structure 
SN 1-64 À 5 ae 
[0] о 
Тһе N-N bond is very long, and is therefore weak, and may be compared 
with the N-N distance of 1-47 A in N;H,. There is no satisfactory explanation 


for this long bond. N;O, has been extensively studied as a non-aqueous sol- 
vent which ionizes: 


МО, = NOt + NO,- 
acid base 

Further details of this system are given in refs. 27 and 28. N,O, is a mixed 
anhydride, because it reacts with water to give a mixture of nitric and nitrous 
sent №0, + H,O > HNO, + HNO, 
Both NO and NO, are formed from decomposition of the HNO,: 

2HNO, ~ NO + NO, + H,O 
The NO,-N,0, system is a strong oxidizing agent. 

NO, reacts with fluorine and chlorine forming nitryl fluoride NO,F and 
nitryl chloride МО,СІ. The unpaired electron in NO, is used for bonding in these 
compounds, which are therefore diamagnetic, 

N,0, is prepared by dehydrating HNO, with P,O, and probably has the 
Structure in the gas: © 

SN-0-N/O 


о ^o 
In the solid it exists as NO;*NO,-. It is the anhydride of HNO,. 
Nitric acid is an excellent oxidizing agent when hot and concentrated, and is 
now produced in vast quantities by the Haber-Bosch process. The earlier 
Birkeland-Eyde process is now obsolete. 


N, + 3H, -200 atmos. 500°C эмн, 
Haber-Bosch енын 
к Plstiqun/hodiam, 
catalyst, 5—10 atmosphei 
2NH; 0, memes. NOUS NO, > HNO, 


spark 
Birkeland-Eyde N, + О; 
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Nitric acid may be concentrated by dehydration with concentrated sulphuric 
acid, or by mixing with a 72% magnesium nitrate solution, followed by distil- 


lation. 
When nitric acid is mixed with concentrated sulphuric acid, the nitronium 


ion NO,* is formed. This is the active species in the nitration of aromatic 
organic compounds 


OU 
— — 


benzene nitrobenzene aniline 
(used for dyestuffs) 
CH, CH, 
NO; O;N. NO, 
— 
toluene NO, 
trinitrotoluene 


(used as an explosive) 
Nitric acid is also a strong oxidizing agent, and is used to oxidize 


cyclohexanol/cyclohexanone mixtures to adipic acid (which reacts with 
hexamethylenediamine in the manufacture of nylon 66). 


OH 
ВЕ соон NH, 
O. | | 


HN 
cyclohexanol — — (Сну), ч GRAN 
COOH NH, 
adipic hexamethylene- 
acid diamine 
cyclohexanone —CO[NH(CH,),NH.CO(CH,),.CO],NH— 


nylon 66 


It is also used to oxidize p-xylene to terephthalic acid for the manufacture of 


terylene. 
The nitrate ion is planar and may be represented as a resonance hybrid. 


о о fe) o- 9 o= 
1 t ll | (| | 
N | М, < N — N 


= N = N 
of Sos Toi, ANT с“ No о“ "o o o 
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Excluding the z bonds, one s and two p orbitals are used for bonding, and sp? 
hybridization gives a plane triangle, hence the bond angles are 120°. Reduction 
of nitrates in acid solution gives either NO, or NO, but in alkaline solutions 
with metals such as Devarda’s alloy, ammonia is produced. 


cold dilute (<1 M) 


3Cu + 8HNO, ———————— 2NO + Cu(NO)), + 49,0 


stronger acid 


Cu+3HNO, — ———— NO, + Cu(NO,), + H,O 


Cu/Al/Zn 
Devarda's 


alloy + NaOH > H 


NO, + H > NH, 


oxidation 
state of N 


NO, > NO, > NU » NH, 


(+V) (4IV) (+1) (IID 


Oxides of Phosphorus, Arsenic and Bismuth 


The oxides of the rest of the group are listed in Table 5.10. Fewer oxides are 


formed than are with 


nitrogen, presumably because of the inability of these ele- 


TABLE 5.10 Oxides and their Oxidation States 


ments to form double bonds. Phosphorus trioxide is 
dimeric and should be written P,O,, not P,O,. Like the 
trioxides of As and Sb, the structure is based on an ar- 
rangement of four P, As and Sb atoms at the corners of 
a tetrahedron, with six oxygen atoms along the edges 
(Fig. 5.22). 

Because yellow P is more reactive than N,, 
phosphorus oxides (unlike N oxides) can all be ob- 
tained by burning phosphorus in air. P,O, is formed by 
burning P in a limited supply of air, whilst As,O, and 
Sb,O, are obtained by direct reaction in air or oxygen. 
Bi,O, is not dimeric like the others. The basicity 


increases on descending the group; the trioxides of P and As are acidic, Sb is 
amphoteric and Bi wholly basic. The hydrolysis of P,O, to phosphorous acid is 


considered later. 


P,O; + 6H,0 + 4H;PO, 
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Phosphorus pentoxide is dimeric and has the formula P,O,9, not P,O,. Its 
‘structure is well known and it is assumed that Аѕ,О, and Sb,O,, are similar. 
In P,O,, each P atom forms three bonds to oxygen atoms. There are five outer 
electrons round a P atom, so the lone pair not used in bonding will be situated 
on the outside of the tetrahedral unit. In P,O, each P forms an additional 
coordinate bond by donating this lone pair to an oxygen atom (Fig. 5.23a). 


OiP o P:—eO 


D 


O-—-v 


(a) 
Fig. 5.23 (a) Structure of P,O; (b) Orbitals involved in backbonding. 


Measurement of the P-O bond lengths shows that the coordinate bonds are 
shorter than a single bond. This is explained by pz-dz back-bonding, because 
of the lateral overlap of full p orbitals on the oxygen with empty d orbitals on 
the phosphorus. This back-bonding is similar to that of the carbonyls. P4O;, is 
formed by burning P in an excess of air or oxygen, but As and Sb require more 
drastic oxidation by concentrated HNO, to form the pentoxides. Аз,О , and 
Sb,O,, lose oxygen when they are heated, and form the trioxide. The pentox- 
ides dissolve in water and form phosphoric acid and arsenic acid, but Sb,O,, is 
insoluble. Antimonic acid is not known, but antimonates containing 
[Sb(OH),]- are known. 
P,O o + 6H,O > 4H,PO, 

Thus the stability of the highest oxidation states decreases on descending the 
group, and Bi does not form a pentoxide. The usual trend that higher oxidation 
states are more acidic is also observed. 

Materials of composition P,O, and P,O, are known and have structures in 
between those of P,O, and P,O,o, in that they have two or three apical oxygen 
atoms. attached to phosphorus atoms. P,O, presumably has only one apical 
oxygen atom. These oxides contain phosphorus in both oxidation states (+Ш) 
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and (+V), and consequently hydrolysis with water yields phosphoric and 
phosphorous acids. 


ortho ortho 
hosphoric phosphorous 
or РО, Е E ^ eee 


Oxyacids of Phosphorus 


Phosphorus forms two series of oxyacids: the phosphoric and phosphorous 
series. In the phosphoric acids the oxidation state of P is (+V), and the com- 
pounds have oxidizing properties, whilst the phosphorous acids contain P in 
the oxidation state (+III), and are reducing agents. In all of these, P is four- 
coordinate and tetrahedrally surrounded wherever possible, and there is some 
degree of pz-dz back bonding in P + О bonds as mentioned previously. The 
hydrogen atoms in —OH groups are ionizable and therefore acidic, but the 
P—H bonds in phosphorous acids have reducing, not acidic, properties. 


Phosphoric Acids 
The simplest phosphoric acid is H,PO,, orthophosphoric acid. 


HO ee OH H,PO, orthophosphoric acid 


OH 
A very large number of phosphoric acids and their salts the phosphates arise 
by sharing oxygen atoms at 1 or 2 corners of the PO, tetrahedron 


„АУ. 


Н,Р,0;, 


pyrophosphoric acid 


Н,Р;0, 
tripolyphosphoric acid 
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Orthophosphoric acid is prepared from phosphate rock, 
Ca,(PO,), + 3H,SO, > 2H,PO, + 3CaSO, 


by complete hydrolysis of P,O;9, or by the action of concentrated nitric acid on 
phosphorus: 
P,O + H,O 
gentle st 
+ HPO, —— HPO, + (HPO), 


P + HNO, pyrophos- ея 
phoric acid phoric acid 


The hydrolysis proceeds in stages, and an understanding of these stages leads 
to an understanding of the wide range of phosphoric acids (Fig. 5.24). 


Р.О, + 69,0 —4HsPO, (overall reaction) 


bos 
OL\; он 
i sN Tetrametaphosphoric 
о о он acid 
not actually isolated 


ares 
4но—/—он<2но—Р-Ор-Р—онно—Р—О—Р t ot он 


| 
он [0 (0) он о он он 
orthophosphoric pyrophosphoric Tetrapolyphosphoric 
acid den acid 
Fig. 5.24 


Polyphosphates are straight-chain compounds (PO,),-PO,, whilst meta- 
phosphates are ring compounds (PO) ),,. Orthophosphoric acid is tribasic, pyro- 
phosphoric acid is tetrabasic, tetrapolyphosphoric acid is hexabasic and tetra- 
metaphosphoric acid is tetrabasic. 

Many polyphosphates are known, and have chains of different lengths. The 
first four are well known. : 


H,PO, (топо) orthophosphoric acid 

H,P,O,  dipolyphosphoric acid (pyrophosphoric acid) 
H,P,O,, tripolyphosphoric acid 

H,P,0,; tetrapolyphosphoric acid 
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Sodium tripolyphosphate is sometimes present up to 40% in industrial deter- 
gents, and is used for softening water. It can be prepared in the following ways: 


1. By fusing Na,O and P,O, and controlling the cooling so that the 

pyrophosphate which crystallizes out is converted into №а,Р,О,,: 

1000 °C 
10Na,0 + 3P,0,9 пете 4Na,P,0 0 

2. By fusing the correct quantities of sodium phosphate and sodium di- 

hydrogen phosphate. Recrystallization from water gives the pure hexa- 

hydrate Na,P4O „.6Н,О: 

450°C 
2Na,HPO, + NaH,PO, ——> Na,P,0,) + 2H;O 


3. By hydrolysis of a trimetaphosphate: 


о? он 
Sec oto -o 
omo NaOH t 1 1 
Oo. | if „о —— Heu ON 
но ^O^ “он Ома Ома Ома 


The orthophosphates of Group I metals апі NH,* are soluble in water. 
Most of the other metal orthophosphates are soluble in dilute acetic or hydro- 
chloric acids; but titanium, zirconium and thorium phosphates are insoluble 
even in acids, and are commonly used to remove phosphates in qualitative 
analysis. 


The metaphosphates form a family of ring compounds and are prepared by 
heating orthophosphates: 


heat 
НРО, усы? НРО, +H,0 


Free PO, ions do not occur and there is no complete evidence for the exist- 
ence of a dimetaphosphate ion, but tri- and tetrametaphosphates are well 
known, and rings with up to eight PO, units have been isolated. 


о о аата ? 9 
Sp / 7^ o^ pO 0 P-O- 

beo со cw 
I EVE, —0—Р-О—Р-О— 

ó 6 
Dimetaphosphate Trimetaphosphate Tetrametaphosphate 


ion ion ion 
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By cross-linking of rings, polymers of very high molecular weight (PO;),"- are 


formed. The precise mixture obtained and hence its physical properties depend 
on the method of preparation (Fig. 5.25). 


NaH;PO, РО 
sodium dihydrogen orthophosphate 
hydrolyse 
with 
| 150°C Na,CO, 
Na,H,P,0, Ма,Р,О; 
pyrophosphate sodium 
tetrametaphosphate 
>230°C | Mss 
300°C 
s 
(NaPO,), (NaPO,), (NaPO,), 
sodium Maddrell’s high Maddrell’s low 
trimetaphosphate temperature salt temperature salt 
| >350°С 
соо! 
630°C | | very (NaPO)), 

slowly Kurrol’s salt 

| >550°C 

(NaPO;) - (NaPOj), 
liquid melt cooling Graham’s salt 
Fig. 5.25 


All forms of sodium metaphosphate revert to trimetaphosphate near 
630 °C, presumably because this has the greatest stability. Graham’s salt is 
miscalled sodium hexametaphosphate, because it does not contain six P units 
and is a high polymer (NaPO,),, which may have a molecular weight of 12— 
18 000. It is sold commercially as calgon, which is used for softening water, 
since Са?+ and Mg?* which are present in hard water form phosphate com- 
plexes that are soluble. Many of these sodium metaphosphates are used for 
water softening without precipitation, and descaling boilers and pipes. The 
structure is probably that of many rings which are linked by cross chains. 

Hypophosphoric acid H,P,0, contains phosphorus in the oxidation state 
(+IV) and has one less oxygen atom than pyrophosphoric acid H,P,0,,. It is 
prepared by hydrolysis and oxidation of red phosphorus by NaOCl, or yellow 
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phosphorus by water and air. There are no Р-Н bonds, and so this acid is not a 
reducing agent. There are four acidic hydrogens, hence the acid is tetrabasic 
and can form four series of salts, though usually two hydrogens are replaced. 


H H OH OH 

i | | 40. | Ь 
——2|P—P |— pou +O 

бн дн он он 


hypophosphoric 
acid 


Fig. 5.26 


It is unusual in that it contains a P—P bond. This is much stronger than the 
P—O-P bond, so that hydrolysis is slow. 


он са 
o HH PO > нро + НРО, 
orthophosphorous огіһорһоѕрһогіс 
он он acid acid 
Phosphorous Acids 


The phosphorous acids are less well known. They all contain phosphorus in 
the oxidation state (+III) and also have Р-Н bonds and are therefore reducing 
agents. Hydrolysis of P,O; in a manner analogous to the hydrolysis of P,O,, 


already described yields pyro- and ortho-phosphorous acids, which are both 
dibasic and reducing agents. 


me | 
Ue ata Oe HO—P—OH 
4 
о о (9) 
pyrophosphorous orthophosphorous 
acid acid 


Metaphosphorous acid (HPO,), is prepared from phosphine at low pressure. 


PH, +0, “THe, Н + HPO, 
If the formula were HPO,, the P atom would only form three bonds or else 
form double bonds. In fact, it polymerizes rather than form double bonds. The 
structure is not known, but by analogy with metaphosphoric acid it may well 
be aring structure. 
Hypophosphorous acid H,PO, contains phosphorus in the oxidation state 
(+1), and has one oxygen atom less than the orthophosphorous acid. It is pre- 
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pared by alkaline hydrolysis of phosphorus. 
P, +3ОН- + 3H,0 > PH, + 3H;PO;- 


PHs 
H н” он Е к; ^ 
OH OH 
Р 
4 “Уон sa | нојон |>3 n-on 
3 Po OHH 5 
РНН ^p 
2 NS 
P HO он 
Espophcepnorous 
aci 
Fig. 5.27 


The acid is monobasic and a very strong reducing agent. Salts of this acid are 
called hypophosphites and sodium hypophosphite NaH;PO, is used industri- 
ally to bleach wood and to make paper. 


Major Uses of Phosphates 


About seven million tons of phosphates are produced annually in the USA. 
The major commercial uses are: 


7096 for fertilizers (superphosphate, triple superphosphate, ammonium 
phosphate and basic slag) 

13% as detergent builders (sodium tripolyphosphate and sodium 
pyrophosphate) 

8% for animal feedstuffs 

3% for pharmaceutical products 

2% used directly for water softening (particularly calgon, and trisodium 
phosphate Na,PO,) 

1% for metal protection (usually phosphoric acid itself in processes such as 
Parkerizing and Bonderizing) d 

0-7% for making organophosphorus compounds: plasticizers (triaryl 
phosphates), insecticides (triethyl phosphate) and petrol additives (tritolyl 
phosphate). 


The tendency of the acidic ions of P to condense and give isopolyacids is 
quite strong. The phosphates and phosphites are similar to the arsenates and 
arsenites. Condensed As anions are much less stable than the corresponding P 
polyanions and they are rapidly hydrolysed in water. Antimonates and anti- 
monites are known, but Sb has a coordination number of six, and they contain 
the octahedral [Sb(OH),]- ion. 
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Sulphides of Phosphorus 


When phosphorus and sulphur are heated together to a temperature over 
‚100 °С, four different products may be formed depending on the relative 
amounts of reactants present. These have the formulae P,S,, P,S,, P,S, and 
P,S,o. The latter is structurally the same as P,O,o, and the structures of all four 
compounds are related to those of the oxides P,O, and P,O,,. The structures 
below all comprise a tetrahedron of phosphorus atoms, with sulphur atoms 
bridging between phosphorus atoms or occupying apical positions attached to 
phosphorus atoms. 


Р Р 
ÁN ÁN 
5 
P P P P—S 
S 


P [7 
Tetra phosphorus Tetra phosphorus 
trisulphide 53 pentasulphide P4S5 


| | 
^N Д 
c — 


Tetra phosphorus 

heptasulphide PyS7 
Tetra MER 
decasulphide P4940 


Phosphorus trisulphide P,S, is soluble in organic solvents such as benzene 
and carbon disulphide, and is used commercially for making matches. About 
50 000 tons of P,S,, are produced annually in the USA. It is hydrolysed by al- 
cohols forming esters, and the dialkyl and diaryl thiophosphates (RO),. P. (S). 
SH are used as extreme pressure additives to lubricating oil, and as flotation 
agents for separating metal ores. 


| 


| 
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Phosphazenes (Phosphonitrilic Compounds) (refs. 33 and 34) 


Nitrogen and phosphorus show only a slight tendency to catenate by them- 
selves. The maximum chain length for nitrogen is three in the azide Му ion, 
and two for phosphorus in a few compounds such as P;H, and Me, Por Me;. 

SS 
А few ring compounds exist with four, five or six P or As atoms joined 
together. 

However N and P catenate together forming an interesting series of poly- 
mers which were originally called phosphonitrilic halides, but are now named 
systematically chlorophosphazenes. They may be prepared: 


PCI, + МН,СІ 18%. (М№РСІ,), (ring compounds) 
СЫР. (NPCI,),-NPCI; (chain compounds) 


The rings commonly contain six or eight atoms, the former being flat and the 
latter existing in ‘chair’ and ‘boat’ conformations 


el sb] 
NUR N / 
KCN Cl. g^ Nghei Оа е 2 к] 
хк) CASS зе О "КОГУШ ы 
Ci~p Ev N e NA Sci N с 


КА No ies S 
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The P-N bonds аге all almost equal in length (1-56—1-59 A), which is much 
shorter than the usual single bond distance of 1-77 A. It is thought that л bond- 
ing occurs between the filled 2p orbitals of N and the empty 3d orbitals on P. 
This pz-dz bonding is similar to that in the oxides of phosphorus except that in 
the phosphazenes the л bonds are delocalized over the whole molecule giving 
pseudo-aromatic character. The chlorine atoms are reactive, and may be 
substituted by alkyl or aryl groups using lithium or Grignard reagents. Similar 
compounds can be made with Br, F or NCS replacing Cl. The largest rings 
formed contain 34 atoms in the chlorides, and 12 atoms in the bromides. The 
chain polymers are rubber-like, and are thought to have the structure 


e Ss 
CLP. Р РС! 
A ue 

n 


Organometallic Compounds 


Nitrogen forms primary, secondary and tertiary amines RNH,, R;NH and 
R,N which are described fully in organic chemistry books. The halides of P, 
As, Sb and Bi react readily with lithium reagents and Grignard reagents, form- 
ing alkyl and aryl compounds 


PCI, + 3LiEt ^ PEt, + 3LiCl 
Triethyl phosphine 


PCI, + 3PhMgCI ^ PPh, + 3MgCl, 
Triphenyl phosphine 


PCI, + 5MeLi ^ PMe, + LiCl 


. The structures of MR, derivatives are analogous to NH, and are pyramidal 
(tetrahedral with one position occupied by a lone pair), whilst the MR, 
derivatives are similar to PCI, and have a trigonal bipyramidal structure. The 
MR, derivatives, particularly the trialkyls of P and As, possess strong donor 
properties and consequently form many complexes with transition metals. The 
initial coordinate bond is formed using the lone pair of electrons, but a second 
bond is formed by donating electrons from a full d orbital on the transition 
metal to an empty d orbital on P or As. This ‘back bonding’ is similar to that 
discussed under the oxides of phosphorus, but since it involves two d orbitals it 
is called ал-ал bonding. 


‚ A number of ions МА, +, PR,*, AsR,* and SbR,* exist which are tetrahedral 
like the ammonium ion. 


Treatment of POCI, with lithium or Grignard reagents yields trialkyl and tri- 
aryl phosphine oxides. 


POCI, + 3LiR > POR, + 3LiCl 
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Group VI (Table 5.11) 


TABLE 5.11 
Os SS eee 
Elements Electronic structure Oxidation states* Coordina- 
tion 
numbers 
Oxygen O [He] 222p —П(—1) 12 (3) (4) 
Sulphur S [Nel 3s? 3p* —П (П) IV VI 2 46 
Selenium Se [Ar] За! 452 4p*  (—II) П Iv VI 2764-6 
Tellurium Te [Kr] 44% 5s? 5p* П IV VI 6 
Polonium Po [Xe] 4f" 5d" 6s? 6p* Il IV 


* See p. 154. 


JS 
Metallic and Nonmetallic Character 


The first four elements are nonmetallic in character and are called collec- 
tively the chalcogens or ore-forming elements, because many metal ores are 
oxides or sulphides. Nonmetallic character is strongest in O and S, weaker in Se 
and Te, whilst Po, which is radioactive and short-lived, is markedly metallic. 
The increase in metallic character on descending the group is shown in the 
structures of the elements, and an increased tendency to form М?+ ions 
together with a decrease in stability of M?- ions. 


M 
Electronic Structure and Oxidation States 


The elements all have the electronic structure Sp and tend to attain an inert 
gas configuration by gaining two electrons forming M 2- ions, or by sharing 
two electrons thus forming two covalent bonds. The electronegativity of Oxy- 
gen is very high—second only to fluorine, consequently most metal oxides will 
be ionic and contain O% ions, thus giving an oxidation state of (—П). Even 
with the most electropositive elements, S, Se and Te form few compounds 
which are more than 50% ionic, hence S*-, Se^- and Te?- are less probable 
(Table 5.12). The elements also form compounds containing two-electron-pair 


TABLE 5.12 

—_—— Sse 

Covalent Pauling’s  . Abundance in 

radius electronegativity earth’s crust 
p.p-m. 

[9] 0-74 3-5 466 000 
S 1-04 2:5 520 
Se 1-14 2-4 0-09 
Te 1-37 2-1 0-002 
Ро trace 


А 
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(covalent) bonds such as H,O, CLO, Н,5, 5СІ,. Where the chalcogen atom is 
the least electronegative atom in the molecule, it shows an oxidation state of 


(+1). 


Reduction Potentials 
Acid solution 


Oxidation o -l -ll 
state 068 * 177 
01— —H0; Ho 
Oxidation — «VI E +v EI +1 o -i 
ded -0-22 ж 4057 -0-08 * +088 +050 40414 
S0;-——S,03- S05 — HS;0r— S,0$— S HS 
02401724] l+o.51 5 сг-+0:08 
1o +115 10-74 -0.40 
Se04— roz Ser pss Ват HS 
HgTeO fs) TeO.fs) Te——H,Te 


* disproportionates 


Oxygen is never more than divalent because the second shell is limited to 

eight electrons and it requires too much energy to excite an electron into à 
higher shell.)However, the elements S, Se, Te and Po have empty d orbitals 
which may’ be used for bonding, and they can form four or six bonds by 
unpairing electrons (ref. 40). 


s p d 


two unpaired electrons therefore can form two bonds—sp? 
hybridization—tetrahedral structure with two positions 
occupied by lone pairs 


Excited state Bep РЕЙ 


four unpaired electrons therefore can form four bonds—sp'd 
hybridization—trigonal bipyramid with one position occupied 
by lone pair 


pado T FITTT : 


six unpaired electrons therefore can form six bonds—sp'd? 
hybridization—octahedral structure 


Compounds of S, Se and Te with oxygen are typically tetravalent, but 
fluorine brings out the maximum oxidation state of (-- VI) the higher oxidation 


statés become less stable on descending the group. The (+IV) state sho 
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oxidizing and reducing properties, but in the (+УТ) state the compounds are 
only oxidizing. These compounds are typically volatile because they are cova- 
fent. 


/ 
Bond Lengths and pn-dn Bonding 


The bonds between S and O, or Se and O are 
much shorter than might be expected for a single 
bond, and may be formulated as double bonds. A c 
bond is formed in the usual way, and in addition a 7 S о 
bond is formed by the sideways overlap of a р or- 
bital on the oxygen with a d orbital on the sulphur. 
giving a pz-dz interaction, This pz-dz bonding is 
similar to that found in the oxides and oxyacids of 


phosphorus, and is in contrast to the more common Fig. 5.28 
E type of double bond found in ethylene (Fig. pn-dz overlap. 


To obtain effective pz-dz overlap, the size of the d orbital must be similar to 
the size of the p orbital. Consequently sulphur forms stronger 7 bonds than the 
larger elements in the group. 

On crossing a period in the periodic table, the nuclear charge is increased 
and more s and p electrons are added. Since these s and p electrons shield the 
nuclear charge incompletely, the size of the atom and the size of the d orbitals 
decreases from Si > P > S > Cl. The decrease in the size of the 3d orbitals in 
this series of elements leads to progressively stronger p7-d7 bonds. Thus in the 
silicates there is hardly any p7-dz bonding, hence the SiO, units polymerize 
into an enormous variety of structures linked by Si-O-Si с bonds. In the 
phosphates, z bonding is stronger, but a large number of polymeric phosphates 
exist. In the oxyacids of sulphur, z bonding is still stronger and has become a 
dominant factor, hence only a small amount of polymerization occurs, and 
only a few polymeric compounds are known with S-O-S linkages. At chlorine, 
рл-ал bonding is so strong that no polymerization of oxyanions occurs. 


Differences between Oxygen and the Other Elements 


Oxygen differs from the rest of the group in that it is more electronegative 
and therefore more ionic in its compounds. Hydrogen bonding is very impor- 
tant for oxygen compounds, but it is only recently that weak hydrogen bonds 
involving S have been proved to exist. Other differences, such as the absence of 
higher valency states and the limitation to a coordination number of four, are a 
consequence of the limitation of the second shell to eight electrons, whereas the 
other elements can have a coordination number of six by using d orbitals. 
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Uses and Reactivity of the Elements 


Practically all the elements except the inert gases react with oxygen, the 
reactions generally being strongly exothermic. Oxygen is essential to res- 
piration, and hence to life. The largest consumption of oxygen is in the iron and 
steel industry, where pure oxygen is used to convert pig iron into steel in the 
Kaldo and LD processes. It is also used to oxidize ammonia in the manufac- 
ture of nitric acid, in the manufacture of ethylene oxide, and for oxy-acetylene 
welding and metal cutting. 

S, Se and Te are moderately reactive and burn in air to form dioxides. They 
combine with many metals and nonmetals, but are not attacked by acids ex- 
cept those which are oxidizing agents. This is in accordance with their non- 
metallic character. Polonium dissolves in H,SO,, HF, НСІ and HNO,, which 
is further evidence of its increased metallic character. Sulphur and selenium will 
dehydrogenate saturated hydrocarbons. Sulphur reacts with olefins and forms 
sulphur cross-links, which is important in the vulcanizing of rubber. Sulphur is 
used in very large amounts in the manufacture of H,SO,. Sulphites, bisulphites 
and SO, are important for bleaching. Other uses of sulphur include fungicides 
and gunpowder. 


Abundance and Extraction 


Oxygen, the most abundant of all elements, exists in the free form and makes 
up 20-9% by volume of the atmosphere. As ores it makes up 46-6% of the 
earth’s crust and as water it comprises 89% of the oceans. Sulphur, which oc- 
curs in sulphides and sulphates and naturally as an element, constitutes 0-05% 
of the earth’s crust. The other elements are very scarce. 

Oxygen is manufactured by the fractional distillation of liquid air. It is 
sometimes prepared in the laboratory by thermal decomposition of KCIO; 
(with MnO, as catalyst), 

heat 
2KCIO; INDE 2KCI + 30; 
by the catalytic decomposition of hypochlorites, 


А 
2H0Cl + зна +0, 


ог by the electrolysis of water with a trace of H,SO, or barium hydroxide 
solution. é 

Sulphur deposits are found in Sicily and Louisiana, USA. It is mined in a 
very high state of purity by the Frasch process, in which three concentric pipes 
are sunk in a bore hole down to the deposit. Superheated steam is passed down 
the outer pipe, and this melts the sulphur. Compressed air is blown down the in- 
ner pipe and forces molten sulphur up the middle pipe. 
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Large amounts of sulphur are obtained from oil refineries and natural gas 
plants. After cracking long-chain hydrocarbons, H,S and other sulphur 
derivatives are removed because of their objectionable smell. About a third of 
the H,S is oxidized in air to give SO,, which is subsequently reacted with the 
remaining H,S 

2H,S + 30, > 280, + 29,0 
SO, + 29,5 ^ 2H,0 + 35 
Elementary sulphur is obtained as a by-product in the production of coal gas, 
and sulphur dioxide is obtained as a by-product in the extraction of metals 
from sulphide ores. 

Selenium and tellurium occur among sulphide ores and are obtained in con- 
centrated form from anode sludge after the electrolytic refining of copper, and 
from flue dust produced during the roasting of FeS,. 

Polonium was discovered by Marie Curie in thorium and uranium minerals, 
where it occurs as a decay product (see Radioactive decay series in Chapter 9). 
It is now made artificially from bismuth by neutron irradiation in a nuclear 
reactor. 

29Bi + in > 2Bi > ?ИРо + {е 
All isotopes of polonium are highly radioactive, and the most stable has a half- 
life of 138 days, hence the chemistry of polonium is not well known. 


Structures of the Elements 


All the elements exist in more than one allotropic form: that is, they are 
polymorphic. Oxygen occurs as two nonmetallic forms, О, and ozone О;. 
Sulphur has two common crystalline forms, a or rhombic Which is stable at 
room temperature, and fj or monoclinic which is stable above 95-5 °С. Both of 
these forms contain puckered S, rings (Fig. 5.29), and they differ only in the 
overall packing of the rings in the crystal. 


Fig. 5.29 Structure of S, molecule (HESLOP and Rosinson, Inorganic Chemistry, 
Elsevier, Amsterdam, 1963). 


A third modification known as Engel’s sulphur is unstable and contains S, 
rings arranged in the chair conformation. It is made by pouring №а,5,0; 
solution into concentrated HCl and extracting with toluene. Plastic or 
amorphous sulphur is obtained by pouring liquid sulphur into water, and con- 
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tains chains of sulphur atoms. A number of larger rings S,, and S,, have been 
made 
H,S, + Cl > 2НСІ + S, 


All these forms are nonmetallic. Selenium exists as two different red nonmetal- 
lic forms containing Se, rings, and a more stable grey form which contains 
infinite spiral chains of Se atoms with weak metallic interaction between adja- 
cent chains. Tellurium is semi-metallic, and exists as a silvery white form 
similar to grey Se, but with stronger metallic interaction. Polonium is a true 
metal and exists as a and fj metallic forms. Thus there is an increase in metallic 
character within the group. The structures change from simple diatomic 
molecules, to rings and chains, to a simple metallic lattice. The electrical pro- 
perties also change: O and S are insulators, Se and Te are semiconductors and 
Po shows metallic conduction. 


/ Molecular Structure 


Oxygen is stable as a diatomic molecule, which accounts for its being a gas. 
However, S, Se, Te and Po are solids at normal temperatures and have more 
complex structures. Liquid oxygen is pale blue in colour, and the bonding in the 
O, molecule is not as simple as might appear at first. If the molecule had two 
covalent bonds: 

:0::0: 0-0 

then all the electrons would be paired and the molecule should be diamagnetic. 
Oxygen is paramagnetic and therefore contains unpaired electrons. The ex- 
planation of this phenomenon was one of the early successes of the molecular 
orbital theory, and the structure is fully described (see Examples of Molecular 
Orbital Treatment) in Chapter 2. 1 

ў Ozone, O,, the other allotropic form of oxygen is diamagnetic and dark blue 
in colour. It is prepared by the action of a silent electric discharge upon оху- 
gen. Concentrations of up to 10% of O, are obtained in this way. Higher con- 
centrations or pure O, can be obtained by fractional liquefaction of the mix- 
ture. Ozone decomposes slowly to oxygen, and pure liquid О, may be explosive 


because its decomposition into oxygen is exothermic, and is catalysed by many 
materials 


20,530, АН = 284 к mol-! 


It is an extremely powerful oxidizing agent, second only to F, in oxidizing 
power, and reacts much more readily than oxygen. Ozone is used to purify 


water for drinking, and in swimming pools since it destroys bacteria and 
viruses. The structure of O, is angular: 


1-28°A 
О 164” О 
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The bond length of 1-28 A is intermediate between those characterizing single 
and double bonds (1-48 and 1-21 A respectively); ozone is thought to be a 
resonance hybrid, in which the first two structures predominate (Fig. 5.30). 
Each atom may be regarded as roughly sp? hybridized, the end atoms having 
two lone pairs and the central atom one lone pair, with a delocalized z orbital 
over all three atoms. 


+.. „+ 


о о 
r4 ө 4 а ZA A: ө у 
0, No. о Оо OE de oC о 
Fig. 5.30 
Hydrides 


The elements all form volatile bivalent hydrides H,O, H,S, H,Se, H,Te and 
H,Po. These can be made from the elements, but normally hydrogen sulphide, 
selenide and telluride are obtained by the action of acids on metal sulphides, 
selenides and tellurides, whilst hydrogen polonide has only been obtained in 
trace amounts from a mixture of Mg, Po and dilute acid. 


FeS + H,SO, +H,S + FeSO, 


These compounds are poisonous and have unpleasant odours. On descending 
the group, the bonding orbitals become larger and more diffuse, and overlap 
less favourably with the hydrogen 1s orbital. The hydrides therefore decrease 
in stability from H,O to H,Te and this is shown by their heats of formation. 

The H-O-H bond angle of 105° in water is in accordance with sp? hyb- 
ridization of the oxygen atom, with slight distortion due to the two lone pairs of 
electrons(In H,Se and H,Te the bond angles become close to 90° suggesting 
that almost pure p orbitals on Se and Te are used for bonding to hydrogen. 

Volatility usually decreases as the atoms become larger and heavier. This 
trend is shown by the boiling points of H,Se, H,Te and H;Po. 


Heat of formation Bond angle Boiling point 
kJ mol"! oe 
H,O —242 H-O-H = 105° 100 
H,S —20 H-S-H = 92° ` —60 
Н,е +81 H-Se-H = 91° —42 
H,Te +154 20:8 


Water has ап abnormally low volatility because it is associated by means of 


hydrogen bonds in the solid and liquid st 

An unusual form of water called ‘polywater’ was reported with a freezing 
point of —40 °C and a very high density of 1-4 g/cc. It was obtained when 
water was formed in glass or quartz capillary tubes, and was first thought to 
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comprise a larger number of water molecules polymerized together. It is now 
known to be an aqueous solution of silicates, sometimes containing organic 
matter. 

The hydrides dissociate to a varying degree and give H*. They are all very 
weak acids and there is ap increase in acidic strength from H,O to H,Te. The 
large difference in electronégativity and Fajans’ rules (the larger the negative 
ion the greater the tendency to covalency) both suggest that H;Te gas is the 
most covalent. Acidic behaviour in solution is discussed for the halogen acids 
(see Group УП) and depends on the heat of formation of the molecule, the ion- 
ization energy, electron affinity and heats of hydration. In the compounds 
Н,О, H,S, H,Se and H;Te the most important factor is the heat of formation 
the values being —120, —10, +43 and +77 kJ mol-!. The stability decreases 
(the last two are in fact thermodynamically unstable), accounting for the 
greater dissociation оЁН Те. 


H,Te(nydratea) + Н.О = НО? + HTe (hydrated) 


The more acidic the hydrogen atom in the hydrides, the more stable will be the 
- "salts from them, i.e. oxides, sulphides, selenides and tellurides. 
Oxygen, and to a greater extent sulphur, differ from the remainder in their 
lity to catenate and form polyoxides and polysulphides (refs. 41 and 42), 
which are less stable than the normal salts. Unbranched polysulphane chains 
containing up to eight sulphur atoms have been prepared. 


H,O, H-O-O-H H,S, H-S-S-H 
H,S, H—S-S-S-H 
H,S, H-S-S-S-S-H 


H,O, and H;S, have similar structures and are prepared by the addition of acid 
to a peroxide or a persulphide salt. 


BaO, + НСІ + H;O, 
NaS, + HCI > H,S, (also H,S,) 


Hydrogen peroxide is an important rocket fuel and is obtained by electrolysis 
involving the formation and hydrolysis of peroxydisulphuric acid. 


Structure of H,0, 
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jso,- Зеб соз, 
H,Sj +HO+  HSO,  «HjS0, 


peroxydisulphuric peroxymonosulphuric 
acid acid 


HOO, +H,O+ HO, «Hj, 
Hydrogen peroxide is also produced on a large scale by a cyclic process (Fig. 
5.31) involving a quinol/quinone system such as: 


OH Os 
CH; 
690 
LUE „ш, 
он H,/Pd 
Fig. 5.31 


H,O, acts as a strong oxidizing agent but HS, does not. H,O, is fairly stable 
and decomposes only slowly on its own, but decomposition is rapid in the 
presence of traces of heavy metal ions such as Cu?*. : 
H,O, > H,O + 40, 
H,S, is not very stable because the decomposition is accelerated by the 
presence of hydroxyl ions. 
H,S, > H,S + S 

Although hydrogen polyselenides and polytellurides do not exist, the metal 
salts do. 

The main use of H,O, is as a bleaching agent, but it is also used to manu- 
facture sodium chlorite NaClO, (also used for bleaching), and for making 
organic peroxides used to initiate addition polymerization reactions. 


Halides (Table 5.13) 


Since fluorine is more electronegative than oxygen, binary compounds are 
oxygen fluorides, whereas similar chlorine compounds are chlorine oxides. A 
number of these compounds including the oxides of iodine are therefore 
described in Group VII under halogen oxides. Fluorine brings out the maxi- 
mum valency of six with S, Se and Te; and SF,, SeF and TeF, are all formed 
by direct combination. They are all colourless gases and have an octahedral 
structure with sp3d? hybridization. 


3s 3p 3d 
Electronic structure 
of sulphur—excited Be epo p] 
—————— 
S six unpaired electrons can form bonds with six fluorine atoms— 


sp'd" hybridization 
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TABLE 5.13 Compounds of the Group VI Elements with the Halogens 


MX, MX, MX, MX, MX Others 
о ОЕ, O;F, O,F,, OF: 
CLO сю, CLO,, СО, 
Br,O BrO, BrO, 
LO, 1,0,, LO, 
S SF, SF, SF, S;F, 
SCl, SCl, SCl, 
S,Br, 
Se  SeF, SeF, 
SeCl, Se,Cl, 
SeBr, Se,Br, 
Te. TeF; TeF, 
TeCl, TeCl, 
TeBr, TeBr, 
Tel, 
Po PoCl, PoCl, 
PoBr, PoBr, 
Pol, 


The low boiling point indicates a high degree of covalency. SF, is extremely 
inert, SeF, is slightly more reactive and TeF, is hydrolysed by water. This is 
possibly due to the larger size of Te which permits the larger coordination num- 
ber necessary in the first stage of hydrolysis. 


TeF, + 6H,O > 6HF + H,TeO, 


SF, is used as a gaseous dielectric in high voltage transformers. Coordination 
numbers greater than six are not common, but TeF, does add F- ions forming 
[TeF;]- and [TeF,]?-. 

Many tetrahalides are known. It is difficult to prepare tetrafluorides by direct 
combination even with diluted F,, because they readily change to hexa- 
fluorides. SF, is gaseous, SeF, liquid and ТеЕ, solid. They have been prepared: 


S + F, (diluted with N,) > SF, and SF, 
S + 4CoF, > SF, + 4CoF, 

SeCl, + 4AgF > SeF, + 4AgCl 

TeO, + 2SeF, > TeF, + 2SeOF, 
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They are highly reactive fluorinating agents and SF, is a useful reagent for re~ 
placing hydroxyl and carbonyl oxygen groups by fluorine. 


К-ОН + SF, > RF 


o 
2 
К-С + SF, > КСЕ 
Nou 4 3 


R R 
pon? + Е, poor 


In contrast to the relatively stable hexafluorides, the tetrahalides are very water 
sensitive. 

SF, + H,O > SOF, + 2HF 
S, Se, Te and Po form tetrachlorides by direct reaction with chlorine. SCI, is a 
rather unstable liquid, but the other tetrachlorides are solids. The structure of 
TeCl, is known (Fig. 5.32) and it is assumed that the other tetrahalides are 
similar. 


5s 5р 54 
Electroni: t 
apice ime КЕ Be 


atom—excited state 


four unpaired electrons can form bonds with four chlorine 
atoms—sp'd hybridization giving trigonal bipyramid with one 
position occupied by a lone pair 


TeCl, reacts with hydrochloric acid and Ct 
gives the complex ion [ТеСІ,]2-, which is 
isomorphous with [SiF,]?- and [SnCl,?- Cl 


тесі, + 2HCI > H,[TeCl,] 


Po also forms complex halide ions and a 
series of compounds (NH,),[PoX,] and 


Cs,[PoX,] are known where X is Cl, Br or CL 
I. 

Tetrabromides of Se, Te and Po are known, Ci 
but SeBr, is unstable and hydrolyses : 
readily. Fig. 5.32 


2SeBr, > Ѕе,Вг, + 3Br, 


SeBr, + 4Н,0 > [Se(OH),] + 4HBr 
unstable 


{ 
H,SeO, + H,O 


Te and Po are the only elements which form tetraiodides. 


240 да 

SCI, is the best known dihalide, and it may be prepared by saturating $,СІ, 
with chlorine. The dihalides form angular molecules, due to sp? hybridization, 
and the tetrahedral angle of 109° 28° is distorted by the presence of two lone 
pairs of electrons. 


3s 3p 
Electronic structure of sulphur 
—— 


atom—ground state 


two unpaired electrons can form bonds with two 
chlorine atoms—sp? hybridization—tetrahedral 
with two lone pairs 
The bond angle is 103° in ЅСІ,, 101-5? in F,O and 98° in TeBr,. 
Dimeric monohalides such as S;F., Se,Cl, and Se,Br, are formed by S and 
Se. These monohalides are hydrolysed slowly and tend to disproportionate. 
2S;F, + 2Н,0 > 4HF + SO, + 35 
2SeCl, > SeCl, + Se 
Their structure is similar to hydrogen peroxide and the bond angle of 104° 
may be due to sp? hybridization distorted by two lone pairs. 


The unstable compound S;F, exists in two different isomeric forms, the 
second arrangement being E 
ss 
F 


The compound S,F,, has an unusual Structure, of two octahedra joined 
together 


Е Е Е Е 
А S 


———— S — 
pee) 


Oxides (Table 5.14) 


TABLE 5.14 
Element MO, MO, Other oxides 
Б so 50 5,0 5,0 
Se $0, 8б E Yd 
Te TeO, TeO, TeO 
Po PoO, PoO 


Dioxides MO,. The dioxides SO,, SeO,, TeO, and PoO, аге 6: 
made by burning the element in air. There is a considerable dif- . 
ference in structure between the dioxides. SO, is a gas, and forms :S 
discrete molecules even in the solid state. The structure is shown in Nai 
Fig. 5.33. The S-O double bonds arise from p7-dz bonding, due to e 
the lateral overlap of p orbitals of oxygen with d orbitals of sulphur. Fig. 5.33 
The bond angle of 119.5? is in close agreement with the angle of 120° predic- 
ted from sp? hybridization. 


3s 3p за 


Electronic structure 
of sulphur 
atom—excited state 


form о bonds to form л bonds to oxygen 
oxygen atoms atoms so excluded from 
— -— hybridization 
sp? hybridization—plane triangle 
with one position occupied by a 
lone pair 
SeO, is solid at room temperature. The gas has the same structure as SO,, but 
the solid forms infinite chains which are not planar (Fig. 5.34). TeO, and PoO, 
both crystallize in two ionic forms. 


i 


Fig. 5.34 


The reaction of the dioxides with water also differs. SO, dissolves, but the 
resultant sulphurous acid H,SO, cannot be isolated. SeO, forms selenious acid, 
H,SeO,, which may be obtained in a crystalline state. TeO, is almost insoluble 
in water, but dissolves in alkali to form tellurites and in acids to form basic 
salts; these reactions illustrate its amphoteric character. The increase in basic 
character is usual on descending a group. 

SO, is important in the manufacture of sulphuric acid and for bleaching. It 
also acts as a mild reducing agent in acidic solution and as a strong reducing 
agent in alkaline solution. SO, has also been used as a non-aqueous solvent, 
but there is considerable doubt about its postulated self ionization. 


250, = SO?* + SO, 
SeO, is used to oxidize aldehydes and ketones. 
R—CH,— CO-R + SeO, + R-CO-CO-R + Se + H,O 
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Trioxides МО,. Sulphur trioxide is the only important trioxide. It is 
manufactured by the direct reaction of O, on SO, and is an important step in 
the manufacture of sulphuric acid. The reaction is slow, and in the contact 
process a catalyst of Pt or V,O, is used. SO, reacts with water and forms 
H,SO,; but commercially, SO, is dissolved in 98% H,SO, to give oleum or 
fuming sulphuric acid. This is mainly pyrosulphuric acid H,S,0,, which is 
eventually diluted. SO, gas has a plane triangular structure and may be for- 
mulated: 


f 


Fig. 5.35 


p7-dz bonding occurs as in SO,. The bond angles of 120° accord with sp? 
hybridization. 


Electronic structure of 
sulphur atom—excited 
state 


form g bonds 


form double bonds, excluded 
sp^hybridization from hybridization 


At room temperature SO, is solid and exists in three distinct forms. One form 
is ice-like and is a cyclic trimer (SO,),. The other two forms are asbestos-like, 
one having infinite helical chains the other having chains cross-linked into 
sheets (Fig. 5.36). SO, is a powerful oxidizing agent, especially when hot; it 
oxidizes HBr to Br, and P to P,O,,. 


о о о 
ll 1 1 SO, chain (made up of linked 
(x bay a cs SO, tetrahedra, each tetrahedron 

О о 4 sharing two oxygens) 
52° 

02120 

PN iz SO, Trimer 
o^ O^ So 


Fig. 5.36 


Commercially SO, is important in the manufacture of H,SO,, and also for 
sulphonating long-chain alkylbenzene compounds. The sodium salt of these 


alkylbenzene sulphonates is an anionic surface-active agent, and is the active 
ingredient in detergents, 
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SO, is used to make sulphamic acid NH,SO,H 
NH,.CO.NH, + SO, + H,SO, + 2NH,SO,H + CO, 


urea 


Sulphamic acid is the only strong acid that exists as a solid, and it is used for 
cleaning the plant at sugar refiners, breweries and desalination evaporators, 
and for destroying any excess nitrites present after dyeing with diazo dyestuffs. 


Detergents. Soap is the original detergent, and is excellent for cleaning, and is 
100% biodegradable (i.e. broken down by bacteria in sewage disposal plants or 
rivers). It has a typical formula of C,,H,,COO-Nat. It has two disadvan: 
tages: 


(i) It forms an insoluble precipitate or ‘scum’ when hard water containing 
Ca?* or Mg?* is used. 

(ii) It cannot be used for industrial purposes in acidic solutions, since the 
fatty acids are precipitated. 


The original ‘hard’ detergents are branched-chain alkylbenzene sulphonates 
(ABS) of typical formula 


CH, CH, 
CH,—CH-(CH,.CH,-CH;-CH-CH, 


O, Nat 


These are excellent detergents, but are only about 50—6096 biodegradable, are 
broken down slowly, and foam badly if protein is present in the water, causing 
frothing and pollution in sewage plants and rivers. ‘Soft’ detergents are similar 
but are linear alkylbenzene sulphonates (LAS) and have an unbranched aliphatic 
chain. They are 9096 biodegradable (the straight alkyl chain is degraded, but 
the aromatic ring is not) and cause only a small amount of pollution. If straight- 
chain alcohols such as lauryl alcohol (available from coconut oil or tallow) are 
sulphonated, the product is an excellent detergent, and is rapidly and com- 
pletely biodegradable. Alcohols of chain length C,, can be produced by the 
Ziegler-Natta process (see under Organometallic compounds of Group III) 
and are useful for making biodegradable detergents. 

Whilst biodegradable detergents are desirable, their use can create problems. 
The bacteria responsible for degrading may use up all the oxygen dissolved in 
the water, thus preventing any other form of life such as fish or plants, and un- 
der extreme anaerobic conditions SO,™ ions may be reduced to H;S, giving 
unpleasant smells. 
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$еО, is formed by a silent electric discharge on Se and O, gases, and TeO, is 
formed from telluric acid H,TeO, by strong heating. Both trioxides are acid 
anhydrides. 


SeO, + H,O +H,SeO,  selenic acid 
TeO, + 3H,O > H,TeO,  telluric acid 


Other oxides. $ ,О is formed when S and SO, are subjected to a silent electric 
discharge. It is very reactive, attacks metals and KOH, and will polymerize. 
Until recently it was incorrectly formulated SO. 

TeO and PoO are obtained by thermal decomposition of a sulphite. 


TeSO, > TeO + SO, 


General Properties of Oxides 


Oxides may be classified according to their geometric structure into: 


Normal oxides. In these, the oxidation number of M can be deduced from the 
empirical formula M,O,, if we assume that oxygen is divalent and has an oxi- 
dation number of —II. These oxides, for example H,O, MgO and А!,О,, con- 
tain only МО bonds. 


Peroxides. These contain more oxygen than would be expected from the 
oxidation number of M. They involve O—O bonds as well as M—O bonds, for 
example H,O;(H—O—O-—H) and BaO,. Superoxides also contain more oxygen 
than would be expected (see p. 131). 


Suboxides. Here the formula contains less oxygen than would be expected 
from the oxidation number of M. They involve M—M bonds in addition to 
M-O bonds, for example О=С=С=С=О. 

Regardless of the structure, oxides may be classified in an entirely different 
way, depending on their acid/base properties. Oxides are generally listed as 
acidic, basic, amphoteric or neutral, depending on the products formed when 
they react with water. Thus metallic oxides are generally basic, and non- 
metallic oxides usually acidic. 


Na,O + H,O + 2NaOH 
SO, + H,O +H,SO, 

More important than the reaction of an oxide with water is its relation to, 
and its reaction with other oxides. If oxides are arranged in a series from the 
most basic to the most acidic, then the further apart two oxides are in the 
series, the more stable the compound formed when they react together. This 


can be put on a quantitative basis by considering the changes in standard free 
energy. 
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Na,0q) + Н,Оџ > 2NaOH,,) i 
Standard —376 —234 2(—376) АС = —142 kJ mol“! 
free energies 

СаО, + H;0q Са(ОН), „у 


Standard —602 —234 —895 АС = —59 kJ mol! 
free energies 


А.О, + 3H,0q  2AKOH); 
Standard —1572 3(-234) 2(—1138) AG=—2kJ mol"! 
free energies 4 
(s — solid, 1 — liquid) 


From the AG values, Na,O is the most basic and ALO, the least basic. In fact 
Na,0 is strongly basic and Al,O, amphoteric. From the free energy values for 
the hydroxides, NaOH is chemically the most reactive and Al(OH), the most 
stable. This is also true in the following reactions: 


СаО, + CO; > СаСО, „у 


Standard —602 —393 —1129 AG=-—134kJ mol" 
free energies 


СаО, + №0, > Саҹ) 
Standard —602 +134  —740 AG=—272kJ mol"! 
free energies 

СаО, + SO > CASO 45) 
Standard —602 —368 —1317 AG = —347 kJ mol"! 
free energies 


(s — solid, g — gas) 


From the AG values, SO, is the most strongly acidic oxide, NO, is the next 
strongest, and CO, is the weakest. From the free energy values of the salts 
formed, Ca(NO,), is the least stable and the most reactive, whilst CaSO, is the 
most stable and the least reactive. 
The order of acidic strength of oxides can be obtained as follows: 
K,O, CaO, MgO, CuO, Н,0, SiO;, СО,, N;O,, SO, 
«most basic most acidic 
It is possible to predict the products of a reaction. If CaO is added to a mix- 
ture of H,O and SO, (H,SO,), the more stable CaO.SO, (CaSO,) will form, 
that is: ‘ 


H,SO, + CaO +CaSO, + H,O 
but 


CuSO, + CO, > no reaction 


Whilst thermodynamic data and acidic power are clearly related and it is 
possible to predict the products of a reaction, it is not possible to predict the 
rate of a reaction. Thus the reaction: 


CaO + SiO, ^ CaSiO, 
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is extremely slow at normal temperatures, though it is more rapid їп a blast fur- 
nace. 
Much inorganic chemistry consists of remembering which compounds react, 
-and comparing the different stabilities of hydroxides, silicates, carbonates, 
nitrates, sulphates etc. The use of a series such as the one above minimizes this 
memory work. 
omprehensive lists of standard free energy data are given in ref. 45. 


xyacids of Sulphur 


The oxyacids of sulphur are more numerous and more important than those 

* of Se and Te. Many of them do not exist as free acids, but are known as anions 

and salts. Acids ending in —ous have $ in the oxidation state (--IV), and form 

salts ending in —ite, whilst acids ending in —ic have S in the oxidation state 
(- VI) and form salts ending in —ate. 

As discussed previously under bond lengths and pz-dz bonding, the oxy- 
anions have strong z bonds and consequently they have little tendency to poly- 
merize compared with the phosphates and silicates. To emphasize structural 
similarities the acids are listed in five groups: (1) sulphoxylic acid; (2) 
sulphurous acid series; (3) sulphuric acid series; (4) thionic acid series; and (5) 
peroxo acid series. 


(1) Sulphoxylic Acid 
H,SO, sulphoxylic acid 
(2) Sulphurous Acid Series 
t HO 
H,SO, sulphurous acid no 3-9 


Hi 
H,S,0, thiosulphurous acid =S 
29272 р $i. 


оо 
29,0; i or pyro sulphurous асі H н 
H,S,0, d Iph id ot 10 
о 
О, | | 
HS. dithi i О 
23304 ionous acid HO-$-$—0H 


(3) Sulphuric Acid Series 
H,SO, sulphuric acid но-1-он 
S 


| 
H,S,0, thiosulphuric acid ES UE 
о 


сас =н 
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TT 
H,S,0, dior pyro sulphuric acid нөңүө: үсөн 
[9] 


(4) Thionic Acid Series 
11 
H,S,O, dithionic acid Ho-1-5-0H 
о 
i [| 
H,S,0, polythionic acid BO ey oH 


| 
(n = 1-12) о о 


(5) Peroxo-acid Series 


| 
H,SO, peroxomonosulphuric acid Hoo OH 


| | 
H,S,0, peroxodisulphuric acid HUM won 
о о 


(1) Sulphoxylic Acid 


Sulphoxylic acid is known only as its zinc and cobalt salts, which can be 
made thus: 


Na,S,0, + Co(OAc), + CoS,0, 
sodi 
dithionite + 2NH, 
+ H,O 


CoSO, + (NH,),SO, 


(2) Sulphurous Acid Series 


It is doubtful if sulphurous acid is formed when SO, is passed into water, 
though the solution is acidic. However two series of salts, the sulphites 30,?- 
and hydrogen sulphites (bisulphites) HSO,- are well known and the latter is 


predominant in dilute solution. Sulphurous acid and bisulphites are reducing 
agents possibly because of tautomerism. 


HO ing HO. 0 


m S 
HO o^ ^H 


ee 
о o- 
0- 
Fig. 5.37 


By analogy with the phosphorous acids, the S-H bonds should be reducing 
and this would also account for the formation of the HSO,- ion. Tautomeric 
esters of these forms have been characterized. The sulphite ion exists in crystals 
and has a pyramidal structure which may be expected from the orbitals used. 


3s 3s 3d 
Electronic structure of GER = 
sulphur atom—excited (^ T LT J 
state x~ F 
form c forms z bond with oxygen atom 
bonds with so excluded from hybridization 
3 oxygen 
atoms 


sp? hybridization with one position occupied by a lone 
pair 


Sulphites and bisulphites evolve SO, on treatment with acids. 


Na,SO, + 2HCI + 2NaCl + H,O + SO, 
à 


On heating solid bisulphites or treating a solution with SO, pyrosulphites are 
ormed, which contain an S-S linkage: 


h 
2NaHSO, —"". Naso,  +H,O 
sodium bisulphite sodium pyrosulphite 3 
(sodium metabisulphite) 
On oxidation sulphites form sulphates; with sulphur, thiosulphates are formed. 
so- 2, soz- sulphate 


SO;7 +S+S,0,* thiosulphate 
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Reduction of acid sulphite solutions with Zn yields dithionites. 
SO2-+S0, —“+ 5,02- dithionite 


Sodium dithionite is a powerful reducing agent, and in NaOH solution it is used 
to absorb oxygen in gas analysis. It is also used to preserve foodstuffs and fruit 
squashes. Sodium dithionite is sometimes called by its old names sodium 
hyposulphite or sodium hydrosulphite. 


(3) Sulphuric Acid Series 


Sulphuric acid is commercially the most important acid, and is made by oxi- 
dation of SO, to SO, followed by reaction with water. Over three million tons 
are used per annum in the UK. By far the most important commercial process 
for its manufacture is the contact process, in which SO, is oxidized by air to 
SO,, using a catalytic surface. Formerly platinized asbestos was used as 
catalyst, but this has now been replaced by vanadium pentoxide, which is 
slightly less efficient but cheaper and less easily poisoned. The SO, could be 
reacted with water to give H,SO,, but this produces a dense chemical fog. 
Instead, the SO, is passed into 98% H,SO, forming pyrosulphuric acid 
Н,5,0,, sometimes called oleum or fuming sulphuric acid. This may be diluted 
with water to give sulphuric acid . 

Н,5,0, + H,O + 2H,$0, 
pyrosulphuric acid 
The older lead chamber process is now hardly used. This used NO as a 
homogeneous catalyst, and produced a 70% solution of sulphuric acid. Pure 
sulphuric acid has been used as a non-aqueous solvent and as a sulphonating 
agent. It has slight oxidizing properties and can remove the elements of water, 
thus charring organic compounds. In aqueous solution it acts as a strong dibasic 
acid and forms sulphates SO,? and hydrogen sulphates HSO,-. The SO,” ion 


3s 3p, 3d 
Electronic structure of rare 
sulphur atom—excited titit ) ШШ шаи 
state 
form о bonds to 4 form z bonds to 2 oxygen atoms, 
oxygen atoms so excluded from hybridization 
sp? hybridization 


is tetrahedral as expected from the orbitals used. The bond lengths are all 
rather short because of resonance of the double bonds. Thiosulphates are made 


by boiling alkaline or neutral sulphite solutions with sulphur. The free acid is not 
known, but stable salts are numerous. The thiosulphate ion is structurally similar 


250 


Fig. 5.38 


to the sulphate ion (Fig. 5.38). Sodium thiosulphate is used in volumetric 
analysis also in photography since it forms a soluble complex with silver salts. 


28,0, +1,+ $,02- +21- 
tetrathionate 
ion 


+3Na,S,0, 


Na,S,0, + AgNO, > Ag,S,0, 2Na,[Ag(S,0,),] 
Pyrosulphates can be made by heating hydrogen sulphates strongly. 

2NaHSO, > H,O + Na,S,0, 
Pyrosulphuric acid is made by dissolving SO, in H,SO,. No polysulphuric 
acids higher than pyrosulphuric acid are known. 
(4) Thionic Acid Series 


Dithionic acid is dibasic, and although normal salts are known, no acid salts 
exist and the acid itself is known only in solution. Dithionates are made by oxi- 
dizing sulphurous acid with MnO,. 


MnO, + 280, + 4H* > Mn+ + §,0,?- + 2H,O 


Dithionates are stable to oxidizing agents and mild reducing agents, but on 
heating in acid solution they give sulphuric and sulphurous acids. 


11 1 1 
Hoc dein eH = Воно + H-S—OH 
60 & 0 

sulphuric sulphurous 


acid acid 


SE ee 


251 
The bond angles in the dithionate ion are approximately tetrahedral and the 
S—O bonds are again rather short. 
Polythionates exist only as salts and are called trithionate S,0,7-, tetra- 
thionate S,O,?-, pentathionate S,0,?~ and hexathionate S,O,^- depending on 
the total number of sulphur atoms present. 


(5) Peroxo-acid Series (ref. 41) 


Two peroxo-acids of sulphur are known: peroxomonosulphuric acid H,SO, 
and peroxodisulphuric acid H,S,O,. No peroxo-acids of Se and Te are known. 
Н,5,0, is obtained by electrolysis of sulphates at high current density. It is a 
powerful and useful oxidizing agent and will convert Mn?* to permanganate 
and Cr+ to chromate. Hydrolysis of the acid gives peroxomonosulphuric acid, 
often called Caro’s acid. 


[ ll | 
Ho--0 0 NI ^ но OOH * pn ecd 
(6) о 


Salts of peroxodisulphuric acid are often called persulphates. (NH,), 5,0, is 
used to initiate the polymerizations of vinyl acetate and tetrafluoroethylene in 
the production of synthetic rayon and PTFE. K,S,0, is an initiating agent in 
the polymerization of vinyl chloride to PVC and styrene-butadiene copolymer 
rubbers. 


Oxyacids of Selenium and Tellurium 


Selenium forms two oxyacids, selenious acid H,SeO, and selenic acid 
H,SeO,. Selenious acid is formed when SeO, dissolves in water. The solid acid 
can be isolated and two series of salts (the normal and acid selenites) contain- 
ing SeO,?- and HSeO,~ are known. The acid is converted to selenic acid by 
refluxing with H,O,. Pytoselenates containing Se,0,?- can be made by heating 
selenates, but the free acid is not known. 

H,SeO, like H,SO, is a strong acid, and selenates are isomorphous with 
sulphates. Both H,SeO, and H,SeO, are moderately strong oxidizing agents. 

TeO, is almost insoluble i in water so that tellurous acid has not been charac- 
terized. The dioxide does react with strong bases and forms tellurites, acid tel- 
lurites and various polytellurites. Telluric acid H,TeO, is quite different from 
sulphuric and selenic acids and exists as octahedral Te(OH), molecules in the 
solid. It is a fairly strong oxidizing agent, but a weak dibasic acid and forms 
two series of salts, for example NaTeO(OH), and Li,TeO,(OH),. The acid is 
prepared by the action of powerful oxidizing agents such as KMnO, on Te or 
TeO,. 
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Oxyhalides 
Only S and Se form oxyhalides. These are called thionyl and seleny! halides, 
and the following are known: 
SOF, SOCI, SOBr, 
SeOF, SeOCL SeOBr, 
Thionyl chloride is usually prepared: 


PCI, + SO, + SOCI, + POCI, 
SOCI, is used by organic chemists to convert carboxylic acids to acid chlorides 


SOCI, + R-COOH > R-COCI + SO, 
Thionyl bromide is prepared from the chloride and HBr, and thiony] fluoride is 
obtained from the chloride by reacting with SbF,. These react with water 
readily, though SOF, only reacts slowly. 


SOCI, + H,O + SO, + 2HCI 
The structure of these oxyhalides is tetrahedral with one position occupied by a 
lone pair—an arrangement which corresponds to sp? hybridization. 
In addition sulphuryl halides are known. 

SO,F, SO,Cl, 50,ЕСІ SO,FBr 

SeO;F, 
Sulphuryl chloride is made by direct reaction of SO, and Cl, in the presence of 
a catalyst. Sulphuryl fluoride is a gas and is not hydrolysed by water, but the 
chloride fumes in moist air and is hydrolysed by water. The sulphuryl halides 
have a distorted tetrahedral structure. The sulphuryl halides may be regarded 
as derivatives of H,SO,, where both OH groups have been replaced by 
halogens. If only one group is replaced, halosulphuric acids are obtained. 


FSOH | CISO,H В:50,Н 


Fluorosulphuric acid forms many salts, but chlorosulphuric acid forms none 
and is used as a chlorinating agent in organic chemistry. 


Ring Compounds of Sulphur and Nitrogen (ref. 44) 


A number of ring compounds containing S and N exist. The best known is 
N,S, (Fig. 5.39) which is saddle shaped, and differs structurally from the S; 
` ring which is crown shaped. The S---S distances across the N,S, ring of 
2-59 A are fairly short and suggest some weak bonding across the ring. N,S, 
may be made 
4SCl, + 4NH, > NS, + 12HCI 


The product is an orange-yellow solid which may detonate with shock. 
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Fig. 5.39 Structure of N,S,. 


Other ring compounds include N,S,H, where the hydrogen atoms are bon- 
ded to nitrogen and N,S,F,, where the fluorine atoms are bonded to sulphur, 
and different sizes of rings exist for example N,S,Cl and N,S,Cl,. 


Organo Derivatives 


Oxygen forms many organo derivatives R,O, which are ethers. Similar 
derivatives of S, Se and Te may be prepared using Grignard or organolithium 
reagents 


SCI, + 2LiR “> RS + 214С1 


SCl, + 4RMgCl > RS + 4MgCl, 
R,S compounds have a similar structure to water (tetrahedral with two 
positions occupied by lone pairs), and the lone pairs make them useful donor 
molecules. 
Haemoglobin is the red pigment in the blood of most animals. It is essential 


for absorbing molecular oxygen in the lungs, where it forms oxyhaemoglobin, 
and releasing the oxygen in the parts of the body where it is needed, forming 


нс „снгснсоон 
HC =CH CH,CH,COOH 
HAC СНз 


нс=сн С 
Fig. 5.40 Structure of haem. 
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(reduced) haemoglobin. Haemoglobin has a molecular weight of about 65 000, 
and is made up of a globular protein and four haem groups, which are 
porphyrin ring systems containing iron (Fig. 5.40). The oxygen molecule in 
oxyhaemoglobin is thought to lie with the O—O axis parallel to the plane of the 
porphyrin ring, with two equal Ее... О distances. It is thought that molecular 
oxygen is bonded to the iron. A few transition metal complexes can also form 
л bonded complexes with molecular oxygen. 


LyPt + O, ——= LPtO, (L= PICSHU 


cl Cl 
_--О 

Lar +0, icon Lar Ек l 
co EO 


J 


Group УП—Тһе Halogens (Table 5.15) 


TABLE 5.15 
Element Electronic configuration Oxidation states* Coordination 
numbers 
Fluorine F [Hel 2s?2p5 —1 1 
Chlorine СІ [Ne] 3s?3p5 —1 +1 +I -IV +У+УІ+УП 1234 
Bromine Br [Ar] 3d'° 4s? 4p5. —I +I +III +1У +V «VI 123 5 
Todine I [Kr] 4d'? 5s? 5p*5. —1+1+Ш +V +VII 1234567 


Astatine At [Xe] 4/54 6s? 6p* 
* See p. 154. 


Electronic Structure and Oxidation States 


_ The halogens show very close group similarities. The elements all have seven 
electrons in their outer shell, and they either gain an electron by forming an 
ionic bond (giving Х-) or form a covalent bond, in order to complete their octet. 
Fluorine is always univalent. Since it is the most electronegative element it 
always has the oxidation number (—I). Among the other elements, oxidation 
numbers of (+I), (+III), (+V) and (+VII) are possible. These higher valency 
states arise quite logically by unpairing electrons, that is promoting electrons 
from filled p and s levels to empty d levels, and examples are found in the 
interhalogens and halogen oxides. The oxidation states (+IV) and (+VI) are 
Buen anomalous, and occur in the oxides СІО,, BrO,, СІ,О, and 

5 
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Reduction Potentials 
Oxidation states DUE 
+VII +V +11 +! 0 ы 
2:65 
Fz p= 
1:19 * 121 > 1:65 1:63 1:3 
ОС ——— —HCIO; HOCI Cl, $: i 
147 
Oxidation states 
VII +V + 0 ә! 
1:49 1-59 +107 _` 
Воо, HBr —-—Br,— — —Br- 
10 
Ае 199 | 
377 41314 * +145 40:535 
H,10, 10,- HOI 1,65) ils 


Basic solution 
Oxidation states 


+VII +V +11 +l 0 -l 
0:36 0:33 m 0:66 —040 * 1:36 
ао — — — eo —————cI0;-——— —OCI-— — — Ch © 
| 0:50 || 0-88 
Oxidation states 
Vii +V +! o - 
+0:54 4045  * +1:07 
BrO — — — —À—— ————Br0-— — —8(—— — ——Br- 
+076 
+0:7 0:14 * +045 40:535 
HjlOs2- 10,- s 10- Ls) - 
40:49 


* Disproportionates 
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General Properties 


The melting and boiling points of the elements increase with increased 
atomic number. Fluorine and chlorine are gases, bromine is liquid, and iodine is 
a solid. 

The elements all form diatomic molecules. The bond energy in the X, 
molecules would be expected to decrease as the atoms become larger since 
increased size results in less effective overlap of orbitals. This trend is observed 
with Cl,, Br, and I, (Table 5.16). The bond energy in F, is abnormally low 
(159 kJ тої!) because of repulsion between non-bonding electrons, and this is 
largely responsible for the high reactively of fluorine. In Cl,, Br, and I, there is 
the possibility of multiple bonding involving d orbitals. 

The ionization energies of the halogens are all very high, which indicates 
that there is little tendency to lose electrons(The value for F is highest, since the 


electrons are firmly held in a small atom and the ionization energy of I is lower 
Because I is a larger atom) (see Table 5.16). 


TABLE 5.16 
М.р. В.рі. Heat of First Electron Hydration 
dissociation ionization affinity energy X^ 
or bond energy energy 
energy 

°С 9c kJ mol"! kJ mol“! kJ mol"! kJ mol! 

E; —220  —188 159 1681 —333 —515 

Ch —101 —35 243 1255 —348 —381 

Br, —7 58 193 1142 —324 —347 

D 114 183 151 1191 —295 —305 


However, the first ionization energies of Cl, Br and I are lower than the value 
for H of 1311 kJ mol-' (The reason why H* exists but no simple X * ions are 
formed is that H* is very small and the ionization energy is recovered in the 
form of a high lattice energy, or a high hydration energy, whereas the X * ions 
are large and consequently have low hydration and lattice епегріеѕ)А few com- 
pounds are known where I* is stabilized by forming a complex with a Lewis 
base, for example [I(pyridine),]* NO,-, and these are discussed under Basic 
properties of the halogens. 

The halogen molecules are all coloured. This is due to the absorption of 
visible light, which results in the excitation of outer electrons to higher energy 
levels. The excitation energies follow the same trend as the ionization energies, 
that is(excitation of the small F atom requires a large amount of energy, and 

. excitation of the larger I atom requires less energy. Gaseous molecules of F, 
absorb violet light (high energy) and therefore appear yellow, whilst gaseous 
molecules of I, absorb yellow light (lower energy) and appear violet. 


} 
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Oxidizing Power 


The electron affinity, or tendency of the atoms to gain electrons, reaches a 
maximum at chlorine. Oxidation may be regarded as the removal of electrons, 
so that an oxidizing agent gains electrons. Thus the halogens act as oxidizing 
agents. The strength of an oxidizing agent (that is, its oxidation potential) de- 
pends on several energy terms and is best represented by a Born-Haber type of 
cycle. : 


]ht. fusion $ht. evaporation 1 $ht. dissociation 
cm 4X, 2(liquid) Moe) (gas) 
oxidation electron 
potential affinity 


S ht. hydration = 
X (hydrated) x (gas) 


For fluorine and chlorine which are gaseous at room temperature, the heats of 
fusion and evaporation are omitted and their oxidation potential depends only 
on the sum of the heat of dissociation, electron affinity, and heat of hydration. 
(The heats of fusion, evaporation and dissociation are positive because energy 
must be supplied.) Thus despite the electron affinity of chlorine being highest 
(see Table an is the strongest oxidizing agent because it has the largest 


TABLE 5.17 Enthalpy (AH) Values for 4X, + X¢yydrateay (all values in kJ mol-') 


jheat j heat jheat Electron Heat of Sum 
fusion evaporation dissociation affinity hydration 
F, — — +159/2 —333 —515 —768 
CL — — +243/2 —348 —381 —607 
Br, — +31/2 +193/2 —324 —347 —559 
L 15/2 44/2 4151/2 —295 —305 —390 


negative AH value in the energy cycle)This is largely because of its low heat of 
dissociation and high heat of hydration. F is an extremely strong oxidizing 
agent, and it will replace Cl- in solution and even when dry. Similarly, chlorine 
gas will displace Br- from solution and this fact is used in the preparation of 
bromine. In general ny halogen of low atomic number will oxidize halide ions 
of higher atomic number. 

The decrease in oxidizing power on descending Group VII is illustrated by 
the reaction of the halogens with water. Fluorine is so strong an oxidizing agent 
that it oxidizes water to oxygen. The large negative free energy change indic- 
ates a strongly exothermic and spontaneous reaction. 


F,+H,O>2H++2F-+40, | AG=—795 kJ mol"! 


258 


The oxidation of water by chlorine is thermodynamically possible, but since the 
energy of activation is high, this reaction does not occur. In fact, another reac- 
tion occurs: 

Cl, + HO > HCI + НОСІ 
Jodine is an even weaker oxidizing agent, and the free energy change indicates 
that energy would have to be supplied to make it oxidize water. 


L + H,O = 2H* + 2I- + 40, AG = +105 kJ mol"! 
In fact the reverse process occurs and oxygen can oxidize iodide ions to iodine. 


Reactivity of the Elements 


Fluorine is the most reactive of all the elements in the Periodic table (refs. 46 
and 47). It reacts with all the other elements except the noble gases He, Ne and 
Ar. The reactivity of the halogens decreases with increased atomic number. 

Chlorine and bromine react with most of the elements, though less 
vigorously, whilst iodine is less reactive and does not combine with some ele- 
ments such as $ and Se. Fluorine and chlorine frequently oxidize elements 
further than bromine and iodine, thus they bring out higher valencies, for 
example PBr,, PC1,, SbF,, and S,Br,, $СІ, and SF,. 

The great reactivity of fluorine is due to the low energy of the Е-Е bond, ће 
extremely high oxidizing power, the small size of the atoms or ions and the high 


Covalent radius Іопіс radius X Pauling's Abundance in 
electronegativity earth's crust 
А А p.p.m. 
F 0-72 1-36 4.0 900 
СІ 0.99 1-81 3-0 314* 
Br 1-14 1-96 2.8 1-6 
I 1-33 2-19 2.5 0-3 


* Abundance of chlorine is 15 000 p.p.m. in sea water. 


electronegativity. The small size of the ions results in a high coordination num- 
ber, and hence a high lattice energy in the crystal. The high electronegativity 
results in the formation of very strong bonds with most other elements. 


Separation and Uses of the Elements 


The main source of fluorine is the mineral fluorspar, СаЕ,. This is treated 
with concentrated sulphuric acid and distilled, yielding both an aqueous 
solution and anhydrous HF. Fluorine is then obtained by electrolysing a mix- 
ture of KHF, and HF at 100 °С. This mixture is used because pure HF is à 
poor conductor of electricity, but KHF, forms K+ and [Е·..Н.::Е]- ions. 
Water must be rigorously excluded or the fluorine will oxidize it to oxygen. The 
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hydrogen liberated at the cathode is prevented by a diaphragm from mixing 
with the fluorine liberated at the-anode, because these two elements react ex- 
plosively. Because fluorine is so reactive, the apparatus was originally made of 
platinum. This has been found to be unnecessary because copper or Monel 
metal (Cu/Ni alloy) are protected from further attack by a fluoride film after a 
short time. The cathodes are steel, the anodes are carbon, and teflon is used for 
electrical insulation. Graphite anodes were originally used, but they were at- 
tacked by fluorine forming the lamellar compound CF. The fluorine forced the 
graphite sheets apart, increased the electrical resistance, and resulted in more 
current being needed, more heat being produced, and eventually an explosion. 
To prevent this from happening, coke impregnated with copper is used as the 
anode. 

Production of fluorine first became important when it was discovered that 
the isotopes of uranium could be separated by gaseous diffusion of UF,, which 
is made: U or UO, + HF > UF, 


UF, + F, > UF, or UF, + CIF, > UF, 


Because ће Е-Е bond is so weak, and atomic fluorine is a highly exothermic 
oxidizing agent, fluorine can be used as a rocket fuel. 

Chlorine is produced in large quantities by the electrolysis of aqueous NaCl 
solutions in the manufacture of NaOH, and of fused NaCl in the manufacture 
of sodium. Before 1960 chlorine was a by-product from these processes, but 
with the great increase in the use of chlorine in the manufacture of plastics such 
as polyvinyl chloride, chlorine is now the major product. 

2масі+ 29,0 “=, jNaOH + Cl, + 2H, 


2Nac| ET, ома + Cl, 


At one time, chlorine was produced by the Deacon process, but this became 
obsolete because at the high temperature required by the catalyst, the equilib- 
rium lies to the left, and the process is uneconomic. 


CuCl, catalyst 
pred Ob oed 


2HCI + 40, HO + Cl, 


400-450 °C 


However, HCI is now available as a by-product (e.g. from the pyrolysis of 
ethylene dichloride to vinyl chloride) and improved catalysts which are active 
as low as 200 °C have been found (CuCL/AICI, catalyst with FeCl, as pro- 
moter) so the process is again in use. 

About half a million tons of chlorine are produced annually in the UK. Over 
three quarters of this is used to make organic compounds: vinyl, methyl and 
ethyl chlorides; perchloro and dichloro ethylene; ethylene dichloride; mono, di 
and trichloro benzene, benzene hexachloride; DDT; chlorinated phenols and 
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the plant growth hormones 2,4-dichlorophenoxyacetic acid and 2,4,6- 
trichlorophenoxyacetic acid. Chlorine is used in large amounts as a bleach, and 
because it kills bacteria it is used to purify water. 

At one time bromine was obtained by electrolysis of its salts, but it is now ob- 
tained from sea-water. (Seven tons of sea water contain about 1 lb. of 
bromine.) If chlorine is passed into sea-water at a pH of 3-5, it oxidizes the 
bromide ions present to bromine. 


Cl, + 2Br- + 2CI- + Br, 


The ‘bromine is absorbed in Na,CO, solution, giving a mixture of NaBr and 
NaBrO,, which when acidified and distilled gives bromine. 


НВгО, + SHBr ^ 3Br, + 3H,O 


Over 50 000 tons of bromine are produced annually in the USA, and 80% of 
this is used to make ethylene dibromide which is added to motor fuels to act as 
a lead scavenger. Other uses include the production of AgBr used for 
photographic purposes, organic derivatives such as methyl bromide, ethyl 
bromide, butyl bromide and dyestuffs. 

Iodine is obtained from Chile saltpetre, which is mainly NaNO,, but con- 
tains traces of sodium iodate and sodium periodate. The iodate concentrate is 
reduced to iodine by NaHSO,. 


210,- + SHSO,- > 3HSO,- + 250,- + H,O +1, 


Silver iodide is used for photographic films, and potassium iodide is used in 
animal feeds, for medical purposes, and for making iodoform CHI, and methyl 
iodide CHI. 

Astatine does not occur in nature. Twenty artificial isotopes have been 
made, all of which are radioactive. The most stable isotopes are 7#°At and "А! 
with half-life periods of 8-3 hours and 7-5 hours respectively. The latter has 
been made by bombarding bismuth with high-energy a-particles. 

"egi L7, энд 
The chemistry of ?!1А{ has been studied by tracer methods using minute quan- 
tities (10—14 mole). It decays by orbital electron capture and by a-emission, and 
appears to resemble iodine quite closely. 


Hydrogen Halides HX 


The halogens all react with hydrogen and form hydrides HX. Whilst the 
reaction of hydrogen with fluorine is quite violent, the reaction with iodine is 
slow at room temperature, and illustrates the decreasing reactivity with 
increased atomic number. 
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НЕ and НС1 аге usually prepared by treatment of salts with strong sulphuric 
acid. CaF, is the most readily available fluoride. 


CaF, + H,SO, ^ CaSO, + 2HF 


Solutions of HF are very corrosive, but surprisingly little corrosion occurs at 
concentrations above 80%. Production in the UK exceeds 80 000 tons a year, 
most of it being used to make fluorocarbons (Freons), which are used in 
aerosols. 


hydrous conditi: 
COLINE. ee СЕД 
+SbCl. ^ 


s 


Anhydrous HF is a catalyst for making long-chain alkylbenzenes which are 
subsequently converted to sulphonates and used as detergents. Aqueous HF is 
used for etching glass, pickling steel and making many fluorides such as AIF, 
and BF,. 


ALO, + 6HF > 2AIF, + 3H,O 


3H,SO, 
В,О, + 6HF —-—» 2BF, + 3H,SO,.H,O 


the AIF, is used mainly for adding to ALO, in the electrolytic extraction of 
aluminium. NH,CI is generally used to make HCI in the laboratory, because 
the resultant NH,HSO, is soluble, and the reaction proceeds smoothly; 
however, NaCl is used in industry because it is cheaper. 


NH,CI + H,SO, + NH,HSO, + HCI 
NaCl + H,SO, > NaHSO, + HCl 


Production of HCl in the UK is about 200 000 tons a year. 

HBr and HI are not made from the reaction between sulphuric acid and 
bromides or iodides since the sulphuric acid oxidizes them to Br, and I,. HBr 
can be produced by the action of H,PO, on a bromide, but in the laboratory 
the usual method is to add bromine to a mixture of red phosphorus and water. 


2P + 3Br, > 2PBr, 
PBr, + 3H,O  Н,РО, + 3HBr 


Ina similar way, HI can be made by adding water to phosphorus and iodine. 
HCI, HBr and HI are gases, but HF is a liquid with a boiling point of 19 °C. 

The unexpectedly high boiling point of HF is due to hydrogen bonding between 

molecules. ! 
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In the gaseous state the hydrides are essentially covalent, but in aqueous 
solutions they ionize, and HCl, HBr and HI function as strong acids. 


HCI + H,O > H,O* + CI- 


The aqueous solutions form azeotropic mixtures with maximum boiling points 
due to a negative deviation from Raoult’s Law. Such solutions can be used as 
standards for volumetric analysis. In dilute aqueous solutions HF is only 
slightly ionized, but HCI, HBr and HI are completely ionized. In poorer ioniz- 
ing solvents such as methanol, ionization is much less complete and НСІ is less 
ionized than HI. Thus HI is the strongest acid, followed by HBr and НСІ, and 
HF is the weakest. It is at first surprising that though HF has a greater electro- 
negativity difference and more ionic character than the other hydrides, it is the 
weakest acid in water. Acidic strength is the tendency of НА, > 
Н} ушей + Худду: This may be represented in stages: dissociation, ion- 
ization and hydration. 


ht. dehydration ht. dissociation 
—— HX —_—_—— 
HX (hydrated) (gas) Наз) + Хаз) 
Acid lonization Electron 
strength energy affinity 
H‘nydrated) Xihydrated) H'(gas) X ges) 


ht. hydration 


The acid strength is equal to the sum of all the energy terms round the 
energy cycle above. 
acid strength = ht. dehydration + ht. dissociation + ionization energy + electron 
affinity + ht. hydration 
If the various thermodynamic terms are considered in more detail the factors 
which make HF the weakest halogen acid in water become apparent. The dis- 
sociation constant К for the change 


HX увањ = Нанаев + X quarateo 
is given by the equation 
AG ——RTInk 
(where G is the Gibbs free energy, R the gas constant and T the absolute tem- 


perature). However, AG depends on the change in enthalpy AH and the change 
in entropy AS 


AG — AH — TAS 


The enthalpy changes (AH) for the various stages in the above energy cycle are 
listed below (all values in kJ mol-!). 
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Consider first the total AH values for the dissociation of HX nyaratea) into 
Hamid ANd X~hydrateay The values for the various halogen acids are all 
negative; that is heat is evolved in the process. So the change is thermo- 
dynamically possible, but the value for HF is small compared with the 
values for HCl, HBr and HI (which are all similar in magnitude). Thus HF is 
only slightly exothermic in aqueous solution whereas the others evolve a con- 
siderable amount of heat. 

The ‘anomalous’ value for HF is the result of several factors. Firstly, the 
H-F bond is much stronger than the H-Cl, Н-Вг or H-I bonds as shown by 
their heats of dissociation. Thus it takes nearly twice as much energy to disso- 
ciate HF as is required to dissociate HI. (The strength of the HF bond is also 

- shown by the short bond length of 1-0 A compared with 1-7 A in HI.) Secondly 

the heat of dehydration for the step HX, qi) > HX eas) is much higher for 
HF than for the others. This is largely due to the strong hydrogen bonding 
which occurs in aqueous HF solutions. The unexpectedly low value for the 
electron affinity of F- also contributes, but the very high heat of hydration of 
F- is not enough to offset these other terms. 

By making allowance for the TAS term the corresponding AG values are ob- 
tained, and from these the dissociation constants are obtained: HF k = 10^, 
HCI К = 108, HBr К = 10!? and HI К = 10". From these it is plain that HF is 
only very slightly ionized in water (that is it is a weak acid), whilst the others 
are almost totally dissociated (that is they are strong acids). 

) Liquid HF has been used as a non-aqueous solvent. It undergoes self ion- 
ization: 


2HF = HF* + F- 


Acid-base reactions occur in this solvent system, but few substances act as 
acids because of the strong proton-donating properties of HF. Mineral acids 
dissolved in HF do not behave as acids, except for perchloric acid. Many com- 
pounds react with HF, and this therefore limits its use as a solvent, though it is 
a useful medium for preparing fluoro complexes and fluorides. 


Halogen Oxides (ref. 48) 


Most of the halogen oxides are unstable, and tend to explode when subjected 
to shock, or.sometimes even with light. The iodine oxides are the most stable, 
then the chlorine oxides, and the bromine oxides all decompose below room 
temperature. The higher oxidation states are more stable than the lower states. 
The bonds are largely covalent because of the small difference in electro- 
negativity between the halogens and oxygen, but 1,0, and 1,0, are ionic. 

Since fluorine is more electronegative than oxygen, binary compounds are 
oe of oxygen rather than oxides of fluorine, but the other halogens form 
oxides, К 


7 


265 
TABLE 5.18 Compounds of the Halogens with Oxygen (and their Oxidation States) 


MX, M,X, MX Others 
Fluorides OF,(—I) ^ O;F,(-I) ОЕ, 
CLOI) CIO,(+IV) С1,0,(+У1); CLO; (+VII) 
Oxides Вг,0(+1) BrO,(+IV) ВгО, (+1) 
1,0,(+IV); 1,0,(?); 1,0,(+V) 


Of these compounds, СІО,, I,0, and ОЕ, аге the most important. 


OF, and Х,О. OF, is a colourless gas and has been used as a rocket fuel. It 
is a strong oxidizing agent and reacts vigourously with metals, $, Р and 
halogens, giving fluorides and oxides. It is formed by passing F, into dilute 
(2%) NaOH. 


2F, + 2NaOH + 2NaF + H,O + OF, 


С1,О is a gas and Вг,О is a liquid, and they are both prepared by heating 
freshly precipitated mercuric oxide with the halogen gas. 


2с1, +2Hg0 “©, нрсі,.нро+ Со 


They are both coloured and explode in the presence of reducing agents, or on 
heating. 

OF, dissolves in water and gives a neutral solution, and with NaOH it gives 
fluoride ions and oxygen. It is not an acid anhydride. Cl,O dissolves in water 
and forms hypochlorous acid HOCI. With NaOH, CLO and Вг,О form 
hypochlorites and hypobromites. These oxides are thus acidic. The oxides may 
further oxidize these products. 

NaOBr > NaBrO, 
hypobromite bromate 
All three oxides have structures related to a tetrahedron with two positions oc- 
cupied by lone pairs of electrons. ` 


2p 


25 
Electronic structure of oxygen 


atoms—ground state 


two unpaired electrons form bonds to two halogen 
atoms—sp? hybridization—tetrahedral with two 
lone pairs 


The bond angle in F,O (Fig. 5.41) is reduced from the tetrahedral angle of 
109? 28' to 105? because of repulsion between the lone pairs, but in С1,0 and 
presumably Br,O the angle is increased because of steric crowding of the larger 
halogens. 
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O,F,. Dioxygen difluoride O,F, is produced by passing an electric discharge 
through a mixture of F, and O, at very low pressure and at liquid air tem- 
perature. It decomposes at —95 °C and its structure is similar to that of H,O;, 
except that the О-О bond length of 1-22 A is short compared with 1.48 A in 
Н,О,. The O-F bond lengths of 1-58 А are much longer than іп OF,. O,F, is 
made in a similar way, and apparently contains a chain of four oxygen atoms. 
O,F, and O,F, have been reported, but earlier reports of O,F, have now been 
disproved. 


XO,, Chlorine dioxide CIO, is a yellow gas which can be condensed to a red 
liquid, b.pt. 11 °C. It is a powerful oxidizing and chlorinating agent and is used 
in large quantities for water purification. It is a good bleach and is used to 
bleach cellulose. It is thirty times as effective as chlorine in bleaching flour. It is 
also used to manufacture sodium chlorite NaClO,, which is also used for 
bleaching textiles and paper. 


2С10, + 2NaOH + H,O, + 2NaCIO, + О, + 2H,0 


CIO, reacts with water and alkali to form chlorites and chlorates, and is thus a 
mixed anhydride. 


CIO, + 2NaOH — NaClO, + NaClO, + H,O 
sodium sodium 
chlorite chlorate 
CIO, gas detonates readily when concentrated above 50 mm partial pressure, 
and it explodes with reducing agents. Because of this, it is made in situ, and is 
diluted with air or CO,. The safest preparation is 


2NaClO, + (COOH), 22 90°С, 


sodium oxalic 
chlorate acid 


2CIO, + 2CO, + (COONa), + 2H;O 


Commercially the gas is made 


Ti NaCl 
2NaCIO, +$0,+H,S0, 12 №0 


2CIO, + 2NaHSO, 


CIO, gas is paramagnetic and contains an odd number of electrons. Odd 
electron molecules are generally highly reactive and CIO, is typical. 

The molecule is angular with an O-CI-O angle of 118°. The bond lengths 
are both 1-47 A and are shorter than in single bonds. 

Bromine dioxide BrO, has a similar structure, but is only stable below 
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—40 °C when it exists as a yellow solid. On hydrolysis it gives bromide and 
bromate. 
BrO, + 6NaOH - NaBr + 5NaBrO, + ЗН,О 


It is prepared by the action of an electric discharge on Br, and O, gases at low 
temperature and pressure, and is much less important than CIO;. 


Other oxides. Dichlorine hexoxide Cl,O, is a red liquid which сап be pre- 
pared from ClO, and ozone. It is a strong oxidizing agent and explodes оп 
contact with grease. With alkali it forms chlorate and perchlorate. 


С1,0, + 2NaOH > NaClO, + NaClO, + H,O 
chlorate ^ perchlorate 
1,0, has no unpaired electrons and is diamagnetic. It is probably in equilib- 
rium with ClO,, which is an odd electron molecule and is paramagnetic. 


heat 
CLO, > 2CIO, 


BrO, is a white solid and is produced from ozone and bromine, or from oxygen 
and bromine under the influence of a silent electric discharge. It is an oxidizing 
agent and gives acidic solutions with water. Formerly it was incorrectly for- 
mulated Вг,О,. It is unstable above —70 °С. 

Dichlorine heptoxide Cl,O, is a moderately stable liquid and is the only exo- 
thermic oxide of chlorine. It is made by dehydrating perchloric acid with 
phosphorus pentoxide, and with water forms perchloric acid. 


Р.О, 
2HCIO, 2 CLO, 
H,O 
Iodine pentoxide 1,О, is a white solid and is the most stable of all the oxides. 
It is formed by dehydrating iodic acid by heating to 170 °C. 
2HIO, ^ LO, + H,O 


Heating to 300 °C decomposes LO, to the elements. It is the anhydride of 

iodic acid and is also an oxidizing agent. An important analytical use of 1,0, is 

in the. detection and estimation of carbon monoxide. It oxidizes CO to CO, 

quantitatively, liberating iodine, which can be titrated with sodium thiosulphate. 
1,0, + SCO 5CO, +1, 


The structure of I,O, is (Fig. 5.42): 


D 
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The compounds LO, and 1,0, are ionic and are probably iodates IO* .10,- 
and I?* . (IO,^), respectively. 


ixyacids 


Chlorine, bromine and iodine form four series with formulae: HOX, HXO,, 
HXO, and HXO,, in which the oxidation states of the halogens are (I), (III), 
(V) and (VII) respectively. 

The structures of the ions formed are 


e. ja м ° n [9] 


oe 
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Ox" xo; хоз" X04 


These are all based on sp? hybridization of the halogen atoms, and because the 
s and p levels differ appreciably in energy, the sp? hybrid orbitals form fairly 
weak о bonds. The stability of these ions is due to strong pz-dz bonding be- 
tween full 2p orbitals on oxygen with empty d orbitals on the halogen atoms. 
Fluorine has no d orbitals, and cannot form pz-dz bonds, and for this reason 


fluorine forms no oxyacids. Many of the oxyacids are known only in solution 
ог as salts. s 


Hypohalous acids HOX. The hypohalous acids HOCI, HOBr and HOI are 
all weak acids and only exist in aqueous solutions. They can be prepared by 
shaking freshly precipitated HgO in water with the appropriate halogen. 

2HgO + H,O + 2Cl, > HgO.HgCl, + 2HOCI 
Hypochlorous acid is the most stable and sodium hypochlorite is used for 
bleaching cotton fabric. NaOCl is produced commercially by electrolysing 
brine. Hydrogen is liberated at the cathode thus increasing the concentration of 
OH- in the solution. By agitating the electrolyte, the chlorine formed at the 
anode reacts with the hydroxy] ions before it can escape. 
2Cl- > Cl, 
Cl, + 20H- + OCI- + CI- + H,O 
cathode 2H* >H, 


The halogens СІ,, Вг, and I, all dissolve to some extent in water, forming hyd- 
rated X, molecules and X- and OX- ions. 


„Х (hydrated) 
H,O + X, x 
HX - HOX 


anode 
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ч Satiirated оп "o forine, about tive thirds exists as hydrated 
molecules, the rest as hydrochloric and hypochlorous acids. A much smaller 
amount of HOBr and a negligible amount of HOI are formed by similar means. 
The hypohalite ions can all be produced by dissolving the halogens in 
NaOH. 


X, 20H- + X- + OX- + H,O 
The hypohalites tend to disproportionate 
oct - Cl «CIO, 
hypochlorite chloride chlorate 
At room temperature hypochlorites are formed, but in hot water disproportion- 


ation is rapid and chlorates are formed. Hypobromites can only be made about 
0 °C, and hypoiodites disproportionate rapidly at all temperatures. 


Halous acids НХО,. The only halous acid known is chlorous acid HCIO,. +4 
This only exists in solution, but it is a stronger acid than HOCI. Chlorites are 
made from ClO, and either sodium peroxide, or hydrogen peroxide and 
sodium hydroxide. Chlorites disproportionate on heating to chlorate and 
chloride. 

2CIO, + Na,0, > 2NaCIO, + O, 


3NaCIO, = 2NaCIO, + NaCl 


Halic acids HXO,. The halic acids HClO, and HBrO, are known in 
solution, but iodic acid HIO, exists as a white solid. Thus the stability increases 
with increased atomic number. The acids are all strong oxidizing agents and 


strong acids. HIO, can be made by oxidizing iodine with fuming nitric acid. "s 
Chlorates are used in fireworks and matches, whilst sodium chlorate is a 
powerful weed killer. Chlorates may be made by the action of chlorine on 
hydroxides or by electrolysing hot chloride solutions. It is thought that the 
hypochlorite first formed in this reaction combines further: 

6NaOH + 3Cl, + NaClO, + SNaCl + ЗН,О 

2HOCI + OCI- + ClO, + 2H* + 2CI- 


The thermal decomposition of chlorates and bromates is complex and is not 
fully understood. KCIO, may decompose in two different ways, depending on 
the temperature. 


2KCIO, > 2KCI + 30, 


This well known experiment to produce oxygen frequently gives a trace of 
chlorine as well. Zn(ClO,), decomposes to zinc oxide, oxygen and chlorine. 


2Zn(CIO,), > 2ZnO + 2Cl, + 50, 


Р АИИ А CR ё M о е оО мыл А Ко Заа е. 
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KCIO, decomposes at a lower temperature in the presence of a catalyst such as 
MnO.. Secondly KCIO, may disproportionate to perchlorate and chloride. 


4KCIO, > 3KCIO, + KCI 


Chlorates can explode on heating or when in contact with easily oxidized 
substances such as organic matter or sulphur. They are much more soluble 
than bromates and iodates. 


ee Perhalic acids HXO, . Perchloric and periodic acids and their salts are well 
known Perbromates have only recently been prepared by the action of power- 
ful oxidizing agents such as XeF, or F,, or electrolytically from bromates. 
Perchloric acid HCIO, is one of the strongest acids, and is a powerful oxidizing 
agent which explodes when in contact with organic matter and sometimes on 
its own. The commercial 7096 HCIO, has almost the composition of the dihyd- 
rate. It can be made from NH,CIO, and dilute nitric acid, or from NaClO, and 
concentrated hydrochloric acid. NaCIO, is made by electrolysing aqueous 
NaCIO,, using smooth platinum electrodes to give a high oxygen overpotential 
to prevent the electrolysis of water. 

Мас, +н,0 - 999, NaClO, + H, 

Except for the potassium, rubidium, caesium and ammonium salts most 
perchlorates are very soluble, but the insolubility of KCIO, is used to detect 
potassium in qualitative analysis. Magnesium perchlorate is very hygroscopic 
and is used as a drying agent called ‘anhydrone’. The perchlorate ion is 
tetrahedral. 

The CIO, ion has only a very slight tendency to form complexes with metal 
ions, and for this reason perchlorates are useful for introducing metal ions to a 
reaction without the risk of forming unwanted complexes. 

The common form of periodic acid is HIO,.2H,O or H,IO,. This is ob- 
tained by passing chlorine into a solution of iodine in NaOH. The salt 
Na;HIO, so formed is treated with AgNO, giving Ag,IO,, which on treatment 
with chlorine and water and evaporating with concentrated H,SO, gives 
H,IO,. When heated, the acid first loses water, polymerizes, and forms an iso- 


polyacid. More water is lost on further heating, and eventually oxygen is lost 
giving iodic acid. 


80°C 100°C Te 
2HJO, эс” НО, <> 2HI0, C, a0, +0, 
p AU 5 metaperiodic iodic 
: acid acid 


Solutions of periodic acid are used to determine the structure of organic com- 
pounds by degradative methods, since HIO, splits 1:2 glycols 


buc ui —^R.CHO + R.CHO 
OH он 
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Interhalogen Compounds (refs. 49 and 50) 
These are divided into four types (Table 5.19). 


TABLE 5.19 
AX AX, AX, AX, 
CIF 
BrF CIF, BrF, 
BrCl BrF, IF, IF, 
ICI (ICl,), 
IBr 


They can all be prepared by direct combination, or by the action of a 
halogen on a lower interhalogen: the product formed depends on the con- 
ditions. 


200 °C 
Cl, + F, (equal volumes) ———» 2CIF 


300 °C 
Cl, + ЗЕ, (excess F) ———> 2CIF, 
I, + Cl, liquid (equimolar) > ICI 
I, + Cl, liquid (excess Cl,) > (1СІ,), 


Вг, + F, (diluted with nitrogen)  BrF, 
Br, + F, (excess F,) + BrF, 


There are never more than two different halogens in a molecule. The bonds 
are essentially covalent because of the small electronegativity difference, and 
the melting and boiling points increase as the difference in electronegativity 
increases. 

The compounds formed in the AX and AX, groups are those where the 
electronegativity difference is not too great. The higher valencies AX, and AX, 
are shown by large atoms such as Br and I associated with small atoms such as 
F, because it is possible to pack more small atoms round a large one. 

The interhalogens are generally more reactive than the halogens (except F) 
because the 4—X bond is weaker than the X—X bond in the halogens. The reac- 
tions are similar to those of the halogens. Hydrolysis gives halide and oxy- 
halide ions, the oxyhalide ion being formed from the larger halogen present. 
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Many metal oxides, metal halides and metals are fluorinated. 
MO + BrF, ^ MF, + Br, + О, 


AX compounds. Iodine monochloride ІСІ is the best known of the AX 
group. It is used as Wij’s reagent in the estimation of the iodine number as a 
measure of the unsaturation of fats and oils. 


-СН=СН- + ICI ^ -CH-CH- 


LOCI 
It also forms addition compounds called polyhalides with alkali halides. 


NaBr + ІСІ ^ NaBrICI 


ІСІ is used to iodinate organic compounds, though chlorination may occur - 
depending on the conditions. 


> chlorination 
ICI vapour 


salicylic acid 
ICI in nitrobenzene 
iodination 
Since the iodine atoms substitute in positions where there is an excess of 
electrons, it is thought that the attacking species is It. Conductivity measure- - 
ments and electrolysis show that ICI ionizes about 1%. 


2ICI = I+ + ICI- 


AX, compounds. The interhalogens are all potential non-aqueous, ionizing 
solvents. Bromine trifluoride BrF, has been used more than the others, largely 
because it is a liquid at room temperature and because it is a good, but not too 
violent fluorinating agent. It self-ionizes considerably. 


2BrF, = ВгЕ,+ + BrF,- 


Thus substances producing BrF;* ions are acids and BrF,- ions are bases in 
this solvent. The structure of the АХ, type of interhalogen molecule is of in- 
terest. In CIF, Clis the central atom (Fig. 5.43). К 


3s 3p 3d 
Electronic structure 
of chlorine Ги ША Ый | 
atom—excited state м_——————— 
three unpaired electrons form bonds with three fluorine 
atoms—sp'd hybridization—trigonal bipyramid with two 
positions occupied by lone pairs 


How to predict which of the three possible arrangements will be formed i$ | 
discussed under hybridization in Chapter 2. Structural studies show that CIF; - 
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is T-shaped with bond angles almost 90°. This indicates structure 3. The dis- 
tortion is due to the lone pairs. It is of interest to note that two bond lengths are 
the same and different from the third, which is to be expected because a tri- 
gonal bipyramid is not a regular shape. ICI, disproportionates quite readily 
in the gaseous state 

ICI, + ICI + Cl, 


and in the solid, two T-shaped ICI, molecules join together forming the dimer 
(ICI,),, which is flat. 


cl CI cl 
ee 
d uS “а 


AX, compounds. Of the AX, compounds, BrF, is too reactive to be suitable 
for preparing fluorides. In IF, vapour, I is the central atom in the molecule 
(Fig. 5.44). 


5s 5р 54 
Electronic structure of 
iodine atom—excited Att TT | 
state =e 

five unpaired electrons form bonds with five fluorine 


atoms—sp*d? hybridization—octahedral with one position 
occupied by lone pair (alternatively described as square-based 
pyramid) 


Liquid IF, conducts electricity and self ionizes. 
ЛЕ, =1Е + IF 
Complex salts are formed by heating IF, with alkali halides. 
Ў KI + IF, > KIIF,] 


AX, compounds. IF, is formed by heating IF, with F,. It is a violent 
fluorinating agent and has an unusual structure. This is a pentagonal bipyramid 
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(Fig. 5.45) and is probably the only known example of a non-transition element 
using three d orbitals for bonding. 


5р 5d 
Electronic structure of 


iodine atom—excited = [Fr It T6] EMSAN 


state 


seven unpaired electrons form bonds with seven fluorine 
atoms—sp?d? hybridization 


olyhalides (refs. 49 and 50) 


Halide ions often associate with molecules of halogens or interhalogens and 
form polyhalide ions. For example, the solubility of iodine in water is greatly 
increased by the addition of iodide ions, due to the formation of the triiodide 
ion I,-. 

LI L- 
More complex ions such as pentaiodide I,-, heptaiodide 1,— and enneaiodide 
I,~ have also been prepared. The larger polyiodide i ions are generally found 
combined with large metal ions or large complex cations, since this results in 
a more stable lattice. The direct addition of iodine to the iodide, either with 
or without a solvent, results in polyhalides such as KI,.H,O, КЫ„ МН, 
[(C;H;NII, and КЫ,.2С,Н,. 

The Br," ion is much less stable than I,- and only a few unstable Cl,~ com- 
pounds are known. No F; compounds are known, presumably Uecdiise 
fluorine has no available d orbitals and therefore cannot expand its octet. 

A number of polyhalides are known which contain two or three different 
halogens, for example K[ICL], K[ICI,], Cs[IBrF] and K[IBrCI]. These are 
formed from metal halides and interhalogens. 


KCI + ICI > K(ICL] 
KCI + ICI, > КІСІ) 
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Polyhalides are typically ionic compounds, though they tend to decompose on 
heating. ie 
CsI] ——> CsI +1, 
кыпсы “+ RbCI+ICI 


кївпс “+ кс1+1ївг 
The products of the decomposition are governed by the lattice energy of the 
products. The lattice energy of the alkali metal halides is highest for the smaller 
halide ions, so the smaller halogen remains with the metal. 

The structures of the polyhalides are known. The trihalides K[I,], K[IC1,] 
and Cs[IBrF] all contain a linear trihalide ion. This may be explained by con- 
sidering the hybridization and orbitals used. For example in [ICI,]- (see Fig. 
5.46): 


Ct (я 
° 
: Ы Ct Ct 
Ci cl 
ee 
CL oo 
Fig. 5.46 Structure of Fig. 5.47 Structure of 1СІ,]- ion 
[ICLjI- ion. (the structure of the [I,]~ ion is dif- 
ferent). 


Electronic structure of 
iodine atom—ground FARSER ed in 
state 
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and one coordinate gS ы ае ЙА Xx ^ 
bond in [ICL]- spd? hybridization—trigonal bipyramid with three positions 
occupied by lone pairs 


Similarly the structures of the pentahalide ions [ICI,]- and [BrF,]~ are planar 
(see Fig. 5.47). 


5s 5p 5d 
Electronic structure of MAAA 


iodine atom—excited 
state 


Structure of iodine - = 

having formed three Ix] TT | 

covalent and one _———  ——— 

coordinate bonds in — spd? hybridization—octahedral with two positions occupied 


HCL by lone pairs V 
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Basic Properties of the Halogens 


Metallic or basic properties increase on descending a group. Thus in Groups 
IV, V and VI the first elements C, N and O are nonmetals, but the heavier 
members Sn, Pb, Bi and Po are metals. Since metallic properties decrease on 
crossing a period, and since little is known about astatine, the trend to metallic 
properties is less obvious in Group VII. The increasing stability of positive 
ions indicates an increasing tendency to basic or metallic character. It must be 
emphasized that iodine is not a metal. 

Fluorine is the most electronegative element and has no basic properties 
(that is, it has no tendency to form positive ions). If CIF has any tendency to 
ionize it will form Clt and F- due to the greater electronegativity of F. 
Chlorine shows a slight tendency to form positive ions in this case, and it has 
an oxidation number of (+I) in HOCI. Positive bromine exists in complexes 
such as Br(pyridine)NO, and BrF,. These ionize and give [Br pyridine]* and 
NO;;, and BrF ;* and BrF,- respectively. Positive iodine compounds are more 
numerous and better established. The evidence for existence of positive iodine 
as I* and I* is given below. 


(1) Evidence for I* 
ICI conducts electricity when molten. Both 1, and Cl, are liberated at the 
anode, but only I, at the cathode. The ionization is probably: 
ІСІ = It + ICL 
Molten ICN behaves in a similar way, but in pyridine it gives I, only at the 
cathode. This suggests the more simple type of ionization: 
ICN = It + CN- 


ICI behaves as an electrophilic iodinating agent, converting acetanilide to 4- 
iodoacetanilide, and salicylic acid to 3,5-di-iodosalicylic acid. Because the at- 
tacked sites have an electron excess, the iodine must be positive. If iodine is dis- 
Solved in an inert solvent and passed down a cationic ion exchange column, 
Some iodine is retained in the resin. 


H*Resin- + I, + I*Resin- + HI 


The positive ion retained may be eluted with KI, to estimate the amount of 
I*, or it may be allowed to react with various reagents. 


еіп + KI > K*Resin- + I, 
I*Resin- + anhydrous H,SO, > 1,50, 


or or 
alcoholic HNO, INO, 


e 
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Since I+ reacts with OH- in aqueous solutions, it is rare in aqueous media. 


I+ + OH- > HOI 
2HOI + OI- > 10, + 2I- + 2H* 


For this reason I+ is rarely obtained unless it is stabilized by coordination. 
Many pyridine complexes are known, such as I(pyridine)NO,, (pyridine), 
NO,, I(pyridine),C1O,, I(pyridine)acetate and I(pyridine)benzoate. Electrolysis: 
of I(pyridine),NO, in chloroform solution gives iodine at the cathode. 


(2) Evidence for I** 


Molten ICI, has a high conductivity (8-4 x 107? ohm"! cm"). Because I, 
and Cl, are liberated at both electrodes, ionization into ICl;* and ICI," is in- 
dicated. If I, is treated with fuming HNO, and acetic anhydride, I(acetate), is 
formed. If this is electrolysed using silver electrodes, one equivalent of Agl is 
formed at the cathode for every three Faradays of electricity passed. This 
proves ionization: 


I(acetate), = 12+ + 3(acetate-) i 
If I, is oxidized with concentrated HNO, in the presence of acetic anhydride 
and phosphoric acid, iodine phosphate is formed. 
1+ AcO + H,PO, > IPO, 
If this ionizes, 12+ would be expected. Cationic iodine exists in sulphuric acid 
solutions. Iodine dissolves in dilute oleum and forms 1?+, but in more concen- 
trated oleum I* is formed. 


Pseudohalogens and Pseudohalides 


A few molecules have properties similar to the halogens, and are called 
pseudohalogens. These include cyanogen (CN),, thiocyanogen (SCN), and 
selenocyanogen (SeCN),. A number of negative ions such as cyanide CN-, 
cyanate OCN-, thiocyanate SCN-, selenocyanate SeCN-, tellurocyanate 
TeCN-, isocyanate ONC- and azide N,~ resemble the halide ions to some ex- 
tent. The best known example is CN-, which resembles СІ, Br- and I~ in the 
following respects. 

(i) It forms an acid HCN. 

(ii) It can be oxidized to form a molecule cyanogen (CN),. 

(iii) It forms insoluble salts with Ag+, Pb?* and Hg+. 

(iv) ‘interpseudohalogen’ compounds CICN, BrCN and ICN can be 

formed. 

(у) AgCN is insoluble in water but soluble in ammonia, like AgCl. 

(vi) It forms a large number of complexes similar to halide complexes, e.g. 

[Cu(CN),?- and [CuCI,?7; [Co(CN),P?- and [CoCI,?-. 
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Group 0—The Noble Gases (Table 5.20) 
TABLE 5.20 


Element Symbol Electronic structure 


Helium He 152 

Меоп Ме [Не] 2s? 2p* 
Argon Ar [Ne] 3s? 3p* 
Krypton Kr [Ar] За! 4s? 4р% 
Xenon Xe [Kr] 4d"? 5s? 5p$ 
Radon Rn [Xe] 4f" 5d"? 6s? 6p* 


Electronic Structure and General Properties 


The two electrons of He form a complete shell and all the other inert gases 
have an octet of electrons in their outer shell. This electronic configuration is 
extremely stable and is related to their chemical inactivity. These atoms have 
an electron affinity near to zero and have higher ionization energies than any 
other elements. Consequently they do not gain or lose electrons under normal 
conditions and do not form many bonds. Thus they exist as single atoms. The 
only forces between these atoms are very weak van der Waals forces, so the 
heats of vaporization and the melting and boiling points, which increase down 
the group, are very low. (The boiling point of He is the lowest of any element.) 
The atomic radii of the elements are all very big, and increase on descending 
the group. It must be noted that these are non-bonded radii, and should be 
compared with the van der Waals radii of other elements rather than with 
covalent (bonded) radii. 


TABLE 5.21 
First Heat of M.pt. B.pt. Atomic Abundance іп 
ionization vaporization radii atmosphere 
energy 

kJ mol"! kJ mol-! ec To А % volume 
Her" i 2502 0-09 —268-9 1-20 5.2 x 10-4 
Ne 2080 1-8 —248-6 —246-0 1-60 1-8 x 10-3 
Ar 1521 6-3 —189.4 —185.9 1-91 0-9 
Kr 1351 9.7 —157-2 —153-2 2-00 1-1 x 107? 
Xe 1170 13-7 —111-9 —108-1 2-20 8-7 x 1075 
Rn 1037 18-0 —71 —62 


Special properties of helium. Helium is unique because it only forms a solid 
under pressure and exists in two liquid phases. Helium I is a normal liquid, but 
helium II is a superfluid. This is a liquid with the properties of a gas. Its energy 
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is so low that thermal motion of the atoms has ceased, but the interatomic 
forces are not strong enough to form a solid. When He I changes to He II at 
about 2:2 °K many physical properties change abruptly. Its thermal conduc- 
tivity becomes 800 times greater than for copper, it becomes a superconductor 
(i.e. shows zero electrical resistance), the viscosity becomes 1/100th of that of 
gaseous hydrogen, and the liquid flows up the sides of the vessel. The specific 
heat, surface tension and compressibility are also anomalous. 


Occurrence and Uses of the Elements 


The gases He, Ne, Ar, Kr and Xe occur as trace amounts in the atmosphere. 
They are usually produced by fractional distillation of liquid air. Ar is the most 
abundant and the cheapest, and annual production in the UK is about 10 000 
tons. Rn is radioactive and is produced by the decay of radium and thorium 
minerals. The most stable isotope ??Rn is с active and has a half-life of only 
3-8 days, so only tracer studies have been made. 

The largest use of Ar and He is to provide an inert atmosphere for welding 
stainless steel, titanium, magnesium and aluminium. Ar is also used in the pro- 
duction of titanium (Kroll and ICI processes), in growing silicon and ger- 
manium crystals for transitors, and in electric light bulbs, fluorescent lamps, 
radio valves and Geiger-Müller radiation counters. He is used in weather bal- 
loons and airships, and is mixed with oxygen in the air supplied to divers. A 
further use of He is in producing very low temperatures (cryogenics), super- 
conductivity, and masers. Ne is used for filling neon discharge tubes which give 
an orange-red light, and the other gases are also used to give different colours. 


'Compounds' of the Noble Gases 
Considerable efforts have been made to find evidence for compound for- 
mation by the noble gases. 


(1) Under Excited Conditions 
Is 25 


Is 
Helium—ground state oi Bnei Helium—excited state 


These high-energy conditions are realized spectroscopically only under con- 
ditions of electrical discharge, or electron bombardment. In a discharge tube 
He,, He,*, HeH* and HeH?* have been observed, but only survive 
momentarily. Metal electrodes in discharge tubes absorb inert gases, to form 
Pt4He, FeHe and FeAr, perhaps as interstitial compounds. 


(2) By Coordination 


Theoretically the noble gas atoms should be able to donate an electron pair 
to a suitable acceptor molecule such as BF, (which is electron deficient). АП 
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attempts to produce such compounds have failed. 


År: > BF, 


(3) By Dipole/Induced Dipole Attractions 


The noble gas atoms may be polarized by a strong dipole on other molecules 
and thus possess a weak induced dipole of their own. The solubility of the noble 
gases in water is high and increases with increased size. This is probably 
because the larger atoms are more easily polarized by the surrounding water 
molecules. Certain derivatives of phenol Kr(phenol), Xe(phenol), and 
Rn(phenol), may have this sort of attraction. 


(4) Clathrate Compounds (ref. 51) 


Clathrate compounds of the noble gases are well known. In these, the gases 
are trapped in cavities in the crystal lattice of other compounds. Though the 
gases are trapped, they do not form bonds. 

If quinol (1,4-dihydroxybenzene) is crystallized in the presence of the 
heavier noble gases under a pressure of 10—40 atmospheres, the gas becomes 
trapped in cavities of about 4 А diameter іп the 2 quinol structure. When the 
clathrate is dissolved, the hydrogen-bonded arrangement of f quinol breaks 
down and the inert gas escapes. Other small molecules such as O,, SO,, H;S, 
MeCN and CH,OH form clathrates as well as Ar, Kr and Xe. The absence of 
He and Ne compounds occurs because they are too small and can escape from 
the cavities. The composition of these compounds corresponds to 3 quinol:1 
trapped molecule, though normally all the cavities are not filled. 

The gases Ar, Kr and Xe may be trapped in cavities in a similar way when 


water solidifies. The so-called inert gas hydrates have formulae approximating 


' to 6H,O: 1 gas atom. 


E] 


Chemistry of Xenon (refs. 52—59) 


Up till 1962, no genuine compounds of the noble gases had been made, other 
than transient species. It was found that highly oxidizing compound platinum 
hexafluoride could oxidize oxygen 
; РЕ, + О, > O;*[PtE - 

Since the first ionization energy for O, + O,* of 1165 kJ mol-! is almost the 
same as the value of 1170 kJ mol-! for Xe > Xet, it was argued that xenon 
should react with PtF,. Experiments showed that the gases did react readily at 
room temperature forming a yellow-red powder first reported in June 1962 (ref. 
59) by Bartlett as xenon hexafluoroplatinate (V) Xe*[PtF,]~. The reaction 
has since been shown to be more complicated 

Xe+PtR, °С. Xe[PEJ-. — 


Хе[ріЕ,] + PtF, C> [XeF]*[PtE,]- + Pir, S&S [XeF]+ [PL Ful 


281 


Following this discovery there has been a rapid extension of the chemistry of 
the noble gases, and in particular xenon. The principal compounds so far are 
listed in Table 5.22. 

Xenon reacts directly with fluorine by heating the gases at 400°C in a 
sealed nickel vessel, and the products depend on the amount of fluorine present. 


2:1 mixture XeF. 
Xe «F2 2 


Хеб 


The compounds ХеЕ,, XeF, and ХеЕ, are white solids which can be sublimed 
at room temperature, and can be stored indefinitely in nickel or Monel con- 
tainers. The lower fluorides react on heating with fluorine under pressure, form- 
ing higher fluorides. The fluorides are extremely strong oxidizing and fluorinat- 
ing agents. They react quantitatively with hydrogen 
XeF, + H, > 2HF + Xe 
XeF, + 2H, 2 4HF + Xe 
XeF, + 3H, ^ 6HF + Xe 
They oxidize chloride ions to chlorine, iodide ions to iodine, and cerium(III) to 
cerium(IV) 
XeF, + 2НСІ > 2HF + Xe + Cl, 
XeF, + AKI > 4KF + Xe + l, 
^ XeF, + Ce,"(SO,), + Ce(SO,), 
They fluorinate compounds 
XeF, + 2SF, > Xe + 2SF, 


XeF,+ Pt ^ Xe + PtF, 
XeF, + C,H, ^ Xe + С,Н;Е + HF 


The fluorides differ in their reactivity with water. XeF, dissolves unchanged in 
water or acidic solutions, but on standing hydrolysis slowly occurs. Hydrolysis 
is more rapid with alkali. 


XeF, + H,O > Xe + 2HF + 2HF + 40, 


With XeF,, hydrolysis by water is violent, but part of the xenon remains in 
solution as xenon trioxide XeO, 


3XeF, + 6H,O + 2Xe + XeO, + 12HF + О, 
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XeF, also reacts violently with water, but slow hydrolysis by atmospheric 
moisture gives the highly explosive solid XeO,. 

XeF, + 6H,O > XeO, + 6HF 
With small quantities of water, partial hydrolysis occurs giving a colourless 
liquid xenon oxyfluoride XeOF,. The same product is formed when XeF, 
reacts with silica or glass 

XeF, + H,O > XeOF, + 2HF 

2XeF, + SiO, + XeOF, + SiF, 


, XeO; reacts with XeF, and XeOF, 


XeO, + 2XeF, > 3XeOF, 
XeO, + XeOF, + 2XeO,F, 


XeO, does not ionize in aqueous solution, but in alkaline solution above pH 
10-5 it forms the xenate [HXeO,]- ion 


XeO, + NaOH = Nat [HXeO,]- 


sodium xenate 
Xenates slowly disproportionate in solution to Xe"!!! and Xe 


2HXeO,- + 2ОН- > XeO,* +Xe+ О, + H,O 
. perxenate ion 


A number of perxenates of Group I and II metals have been isolated, and X- 
ray crystallographic structures have been determined for Na,XeO,.6H,O and 
Na,XeO,.8H,0. The solubility of sodium perxenate in 0-5 M NaOH is only 
0:2 grams per litre, so precipitation of sodium perxenate could be used as а 
gravimetric method of analysis for sodium. Perxenates are extremely powerful 
oxidizing agents, which will oxidize HCl + CL, H,O > O, and Mn?* > 
MnOj,-. With concentrated H,SO, they give xenon tetroxide XeO,, which is 
volatile and explosive. 


Xenon fluoride complexes. XeF, acts as a fluoride donor and forms com- 
plexes with covalent pentafluorides including PF,, AsF,, SbF, and the trans- 
ition metal fluorides NbF,, TaF,, RuF,, OsF,, RhF,, IrF, and PtF,. These are 
thought to have the structure 


XeF,.MF, [XeF]* [МЕ 
ХеЕ,.2МЕ, [ХеЕ]# [M,F] 
апа 2XeF;.MF, [Xe;F,]* [MF] 


The structures of some of the XeF, complexes in the solid state are known. In 
the complex XeF,.2SbF, (Fig. 5.48) the two Xe—F distances differ greatly 
(1:84 A and 2-35 A). This suggests the formulation as [XeF]* [SbF,,]-- 
However, the Xe—F distance of 2-35 A is much less than the van der Waals 


Аа a ahaa а ай 


283 


(non-bonded) distance of 3-50 А, suggesting that one fluorine atom forms а 
fluorine bridge between Xe and Sb. In fact the structure is intermediate be- 
tween that expected for the ionic structure, or the fully covalent bridge struc- 
ture. 


Fig. 5.48 Structure of XeF,.2SbF,. (From Mackay and Mackay, Introduction to 
Modern Inorganic Chemistry, 2nd edition, Intertext, 1972.) 


XeF, only forms a few complexes with PF,, AsF, and SbF,. XeF, may act as 
a fluoride donor forming complexes such as: 

XeF,.BF, 

XeF,.GeF, 

XeF,.2GeF, 

XeF,.4SnF, 

XeF,.AsF, 

XeF,.SbF, 


XeF, may be act as a fluoride acceptor. With RbF and CsF 
XeF, + RbF  Rb*[XeF;]- 
On heating the [XeF;]- ion decomposes 


2CsIXeE,]- E, XeF, + Cs,{XeF,] 


Structure and bonding in xenon compounds. The structures of the more 
common xenon halides, oxides and oxy-ions are given in Table 5.22. The 
nature of the bonds and the orbitals used for bonding in these compounds are 
of great interest and have been the subject of considerable controversy. 

XeF, is a linear molecule with both Xe—F distances 2-00 A. The bonding 
may be explained quite simply by promoting an electron from the Sp level of 
Xe to the 5d level, followed by sp*d hybridization, using the valence bond 


theory. 
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TABLE 5.22 Structures of some Xenon Compounds 


Name Oxidation M.pt. Structure Number 
Formula state of lone 
°C pairs 
Xenon difluoride — (II) 129 F—Xe—F 3  KrF,and 
XeF, linear possibly RnF, 
and XeCl, exist 
Xenon (4IV) 117 2  KrF,and 
tetrafluoride Ы ed possibly XeCl, 
XeF, 
Square Mars 
Xenon (+У)0 49.6 F 1 Formsa 
hexafluoride tetramer in the 
XeF, F. F solid 
F F 
F 
slightly distorted 
octahedron 
Xenon trioxide G- VD yv 1  Hygroscopic, 
XeO, explosive 


XeOF, (+У) | —46 [0] 1 


7 Е 
Е Е 


Square pyramidal 
(octahedral with one 
Position unoccupied) 
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Table 5.22 (continued). . 
Name Oxidation M.pt. Structure Number 
Formula state of lone 
ec pairs 
XeO,F, (*VI) n 1 
о ^ 
о 

F 
Perxenate ion (+ VII) [9] 0 
[хео „1 

О, [o] 
ie) о 
о 
octahedral 
Xenon tetroxide (+ VIII) о 0 Explosive 
XeO, 
о ев чө о 
о 
tetrahedral 
5s 5р 5d 


Electronic structure of 
Xe atom ground state ! | [ ijt du | | 


Xe excited {| (| Wut t 
| sp'd hybridization—trigonal bipyramid 
The two unpaired electrons form bonds with fluorine atoms, and the three lone 


pairs occupy the equatorial positions in the trigonal bipyramid. The atoms thus 
form a linear molecule. 
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The objection to this is that the 5d orbitals of Xe appear to be too large, and 
too high in energy, to contribute to such a scheme of hybridization. The maxi- 
mum in the radial electron distribution function for a 5d orbital in a Xe atom 
occurs at a distance of 4-9 А from the nucleus, and the difference in energy 
between a 5p and a 5d level is about 960 kJ mol-!. It has been noted in Chapter 
2 in the section The Extent of d Orbital Participation in Molecular Bonding 
that highly electronegative atoms like fluorine causes a large contraction in the 
size of d orbitals. If this contraction is big enough, the valence bond ex- 
planation will suffice. 

Many chemists find a molecular orbital explanation involving three-centre 
bonds more acceptable. The outer electronic configurations of the atoms are 


5s 5p 2s 2p 
px py pz px py pz 


"qe mmis] к [| [ursi] 


Assume that bonding involves the 5pz orbital of xenon and the 2pz orbitals of 
the two fluorine atoms. These three atomic orbitals combine to give three 
molecular orbitals, one bonding, one non-bonding and one antibonding. In a 
simplified way this can be represented: 


F xe F 
SOE Meo) (SS) antibonding (orbitals have wrong symmetry for over- 
lap indicated by + and — signs) 


Є® eo бе) non-bonding (the Хе 5р orbital has no contribution, 
since the bonding effect in one half is cancelled 
by the antibonding effect in the other half) 


oo € oco bonding (orbitals have correct symmetry for overlap) 


The original three atomic orbitals contained four electrons (2 in Xe 5pz and 1 
in each of F 2pz). These occupy the molecular orbitals of lowest energy, and 
since the order of energy is bonding MO < non-bonding MO < anti-bonding 
MO, two electrons occupy the bonding MO and two occupy the non-bonding 


| 
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МО. A linear arrangement of the atoms gives the best overlap of orbitals, in ac- 
cordance with the observed structure. 


Atomic orbital 
of Xe atom 


Atomic orbitals 
of two F atoms 


Molecular 
orbitals 


Antibonding 


The situation is similar to that in the boron hydrides, where there are three- 
centre В-Н—В bonds, except that in XeF, there are four electrons involved 
compared with two electrons in the boranes. 

The structure of XeF, is square planar. The valence bond theory explains 
this by promoting two electrons, and sp?d? hybridization 


5s 5р 5d 
Electronic structure of H | T E] [ It ] | 
SFT 


Xe excited state 


Four unpaired electrons used to form bonds to four fluorine 
atoms: sp°d? hybridization—octahedral structure with two 
positions occupied by lone pairs 


The problem of whether the size and energy of the xenon Sd orbitals will allow 
such hybridization is the same as in XeF,. The alternative explanation is that in 
XeF,, the Xe atom bonds to four F atoms by using two of its p orbitals to form 
two three-centre molecular orbitals at right angles to each other, thus giving a 


square-planar shape. 
ee 
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The structure of XeF, may be explained by promoting three electrons in Xe, 
and sp!d? hybridization, which would give a distorted octahedral shape since 
there are six bonds plus one lone pair, or by forming three three-centre 
molecular orbital systems mutually at right angles, giving a regular octahedral 
shape. The structure of XeF, is most unusual in that it rapidly fluctuates with 
time. The time-averaged shape measured by X-ray crystallographic methods is 
a distorted octahedron, but the structure continually moves through the regular 
shape. The fact that XeF, forms adducts (such as XeF,.SbF, discussed 
earlier) implies the presence of a lone pair of electrons, thus supporting the 
presence of hybrid orbitals. 

For many years the noble gases were thought to be completely unreactive, 
and this was associated with the concept of a stable octet of electrons. Though 
this concept has done much to help the understanding of atomic structure, 
reactivity, bonding and the shape of the periodic table, the discovery of the 
noble gas compounds has shown that though largely true, the inertness and 
stability of the ‘octet’ are not absolute. The discovery has also led to both 
debate and much theoretical work involving calculations on large computers 
on the extent of d orbital participation in bonding by elements in the s and p 
blocks. This may be summarized: 

1. In compounds of high coordination number with elements of high electro- 
negativity, such as РЕ,, SF, IF, XeF,, the d orbitals appear to be sig- 
nificantly involved іп с bonding. (These compounds may all be described 
without using d orbitals if three-centre bonds are formed.) 

2. In compounds with elements of low electronegativity such as H,S and 
PH,, the d orbital population is very low ( 1—296), though this slight con- 
tribution considerably improves the agreement between the observed and 
calculated values for the dipole moments and the energy levels. 

3. The use of d orbitals makes a very significant contribution to л bonds, for 
example pz-dz bonding in the phosphates and oxyacids of sulphur, and in 
РЕ; 


Problems 
Group Ш 
1. From the position of Al in the electrochemical series, would you expect it to be 
stable in water? Why is it stable in air and water? 


2. Give reasons for trivalency and monovalency in Group III elements, and comment 
on the validity of divalent compounds such as GaCl,. 


3. (@) List features which make borax a useful primary standard, and give а 
balanced equation to show its use in titrations. 
(b) Work out the shape of the BO;?- ion and explain why it has this structure. 


4. How does H,BO, ionize in water and what effect does glycerol have on the 
ionization? 
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. Draw the structure of diborane and give the bond lengths. What is unusual about 


the bonding in this compound? Describe its use in hydroboration. 


. Give the preparation, structure and uses of sodium borohydride. 


7. Compare the structures of BF; gas, AICI, gas and AICI, in aqueous solution. 


9. 
10. 


. Give two different preparations for Et,Al and describe its use as a catalyst for ' 


polymerizing C,H,. Compare the products formed with those described in the sec- 
tion on titanium in Chapter 6. 


Outline the steps in the extraction of boron and aluminium. 
Describe the preparation and give the structures of the dihalides of B, Ga and In. 


Group IV 


DE 


12. 


13. 
14. 


17. 


18. 


19, 


What are the most common oxidation states of carbon and tin? Why is there any 
difference? 

Give two preparations for monosilane and compare its chemical properties with 
those of CH,. Explain any differences. ` 
Compare and contrast the structures of trimethylamine and trisilylamine. 


(a) Explain the difference in density and electrical conductivity between diamond 
and graphite. 

(b) Why is it possible for two or more allotropic forms of an element to exist, 
since one must have the lower energy and thus be thermodynamically 
favoured? 


. List the advantages and limitations of CO as a reducing agent in the extraction of 


metals from their oxides. 


. Give reasons why CO, and SiO, are so different in structure, and why CCI, and 


SiCl, are so different in chemical behaviour. 

With special reference to the elements C, Si, Ge, Sn and Pb illustrate the trends 
which may be observed in physical properties and chemical behaviour on descend- 
ing a group in the periodic table. 

Draw the structures of six different types of silicate and give the name and formula 
of one example of each type. 

Describe two commercial methods for manufacturing alkyl-substituted 


chlorosilanes, How are the reaction products separated and how may polymers 
with almost any specified properties be prepared from them? 


Group V 


20. 


21. 


22. 


Use the molecular orbital theory to describe the bonding їп М, and NO. What is 
the bond order in each case? 

Explain why nitrogen molecules have the formula N,, whilst phosphorus has the 
formula P,. / 

Outline how nitrogen and phosphorus are obtained commercially. 
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23. Write balanced equations to show the effect of heat on (a) NaNO,, (b) NH,NO,, 
(c) a mixture of NH,Cl and NaNO,, (d) CuSO,.5H,O, (e) Cu(NO,),.2H,O and 
(f) NaN;. 


24. Describe the commercial methods for manufacturing МН,, HNO, and N,H,. How 
is HNO, concentrated? 


25. Why is NF, stable whilst NCI, and NI, are explosive? 
26. What are the main ingredients in fertilizers? 
27. Give a preparation of NH,OH and describe one of its major uses. 


28. What do you understand by pz-dz bonding in the oxides and oxyacids of 
phosphorus? Give examples to show how this may explain some of the differences 
in the chemistry of nitrogen and phosphorus. 


29. Compare the structures of the oxides and sulphides of phosphorus. 


30. Describe the conditions under which the following react, and give the products in 
each case: 
(a) copper and nitric acid; 
(b) nitrous oxide and sodamide; 
(c) calcium carbide and nitrogen; 
(d) cyanide ions and cupric sulphate; 
(е) ammonia and an acidified solution of sodium hypochlorite; 
(f) nitrous acid and iodide ions. 


31. Discuss the uses of phosphates in analysis and in industry. 


32. Compare and contrast the structures and behaviour of phosphates, silicates and 
borates. 


Group VI 


33. Use the molecular orbital theory to describe the bonding in each of the following 
and give the bond order and magnetic properties (paramagnetic or diamagnetic) 
in each case: (a) O, (b) superoxide ion O,~, (c) peroxide ion O,”-. 


34. What are the main sources of sulphur? Which are the two most common al- 
lotropic forms? 


35. Why have oxygen molecules the formula O, whilst sulphur is S,? 


36. How is ozone prepared? What is its structure and what are its main uses? There is 
a layer of ozone in the upper atmosphere: why is this important to man? 


37. Explain the differences in bond angles and boiling points of H,O and Н,5. 


38. Describe the preparation, properties and structure of SO,, SO,, H,SO,, H,SO;, 
H,S,0,, Na;S,O, and Na,S,0,- 


39. In what ways and on what basis may oxides be classified? 


Group VII 


40. Describe how fluorine is produced, the apparatus used and any precautions you 
consider necessary. Is fluorine used widely in reactions? 


41. 


42. 


43. 


44. 


45. 


46. 
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What are the common sources of chlorine, bromine and iodine in salts? Where do 
they occur and how are the elements extracted? 


Give equations to show how the halogen acids HF, HCl, HBr and HI may 
be prepared in aqueous solution. Why is HF a weak acid compared with HI in 
water? 


(a) Draw the structures of OF,, С1,О, O,F, and 1,0,. 

(b) Explain the bond angle іп OF, and give a reason why it is different in СІ,О. 

(c) Why are the O—F bonds in O;F, longer than іп OF,, whereas ће О-О bond 
in O;F, is short compared with that in H,O,? 

(d) Describe the preparation and an analytical use of 1,О,. 


(a) Give the names of four different types of oxyacid of the halogens and give the 
formula of either an acid or a salt derived from the acid for each type. 

(b) Describe the preparation of the following compounds and give one use of 
each: NaOCl, NaCIO,, NaCIO,, HIO, 


(a) Give the formulae of eleven interhalogen compounds. 
(b) Draw the shapes of the following molecules and ions, showing the positions of 
the lone pairs of electrons: CIF, BrF,, IF,, IF; 1,7, ICI and 1,7. 


List differences between the chemistry of fluorine and the other halogens and give 
reasons for these differences. 


Group 0 


47. 


48. 


49. 


(a) Draw the structures of XeF,, XeF, and XeF,. 

(b) How may these compounds be prepared from Xe? 

(c) Give balanced equations to show how these three compounds react with 
water. 

How did Bartlett interpret the reaction between Xe and PtF,, and how is this reac- 

tion now interpreted? 

‘In some ways the discovery of the noble gas compounds has created more prob- 

lems than it has solved.’ Discuss this statement with particular reference to the 

stability of a closed electron shell and the participation of d orbitals in bonding by 

elements of the s and p blocks. 
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CHAPTER 6 


d-BLOCK ELEMENTS 
(Table 6.1) 


General Properties 


The transition or d-block elements are so called because their position in the 
periodic table is between the s- and p-block elements, and their properties are 
transitional between the highly reactive metallic elements of the s block, which 
typically form ionic compounds, and the elements of the p block which are 
largely covalent. In the d block the penultimate shell of electrons is being 
expanded from eight to eighteen by the addition of d electrons and typically the 
elements have an incompletely filled d level. The zinc group, which has a 49 
configuration in all its compounds, shows some differences from the remainder 
of the elements. The elements make up three complete rows of ten elements and 
an incomplete fourth row. The position of the incomplete fourth series will be 
discussed with the f-block elements. 


TABLE 6.1 


[Rhenium |Osmium| Iridium |Platinum| Gold | Mer- 


—ч 
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Because the penultimate shell of electrons of all these elements is expanding, 
it is to be expected that they may have many physical and chemical properties 
in common. Thus all the transition elements are metals and are good conduc- 
tors of electricity and heat. They are ductile and form alloys with other metals. 


Size 


The covalent radii of the elements (see Table 3.1) decrease from left to right 
across a row in the transition series, until near the end the size increases 
slightly. On passing from left to right, extra positive charges are placed on the 
nucleus and extra orbital electrons added. The orbital electrons shield the nuc- 
lear charge incompletely (d electrons shield less efficiently than p electrons, 
which in turn are worse than s electrons), hence the nuclear charge attracts the 
outer electrons more, and a contraction in size occurs. 

Atoms of the transition elements are smaller than those of the Group I or II 
elements in the same horizontal row or period. This is partly for the reason dis- 
cussed above, and partly because the orbital electrons are added to the penul- 
timate d shell rather than to the outer shell of the atom. 

The transition elements are divided into vertical groups of three or 
sometimes four elements, which have similar electronic structures. On descend- 
ing one of the main groups of elements in the s and p blocks, the size of the 
atoms increases because extra shells of electrons are present. The elements in 
the first group in the d block show the expected increase in size Sc + Y + La, 
but in the subsequent groups there is an increase in radius of 0-1 > 0-2 A be- 
tween the first and second member, but hardly any increase between the second 
and third elements. This trend is shown both in the covalent radii (Table 3.1) 
and the ionic radii (Table 6.2). Interposed between lanthanum and hafnium are 
fourteen lanthanide elements, where the antepenultimate 4f shell of electrons is 
filled. There is a gradual decrease in size of the lanthanide elements from 
cerium to lutetium called the lanthanide contraction, and this is discussed in 
Chapter 7. This decrease in size caused by the lanthanide contraction almost 
exactly cancels the normal size increase on descending the group. Since the 
second and third elements in a group have similar radii, they also have similar 
lattice energies, solvation energies and ionization energies, and the differences 
in properties between the first and second elements in a group are consequently 


TABLE 6.2 The Effect of the Lanthanide Contraction 
on the Ionic Radii (values in A) 
ee SS eee 
Ca? 0-99 Sc? 0.70 ті 0-68 


Sept 1 үз 0.90 Zr* 0.74 
Ba*+ 135 La? 1.067 Hf" 0-75 
14 Lanthanide elements 


————————-—-—— 
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greater than the differences between the second and third elements. The effects 
of the lanthanide contraction begin to die out towards the right of the d block. 


Density 


The atomic volumes of the transition elements are low compared with 
neighbouring Groups I and II, because inner orbitals become filled and the 
increased nuclear charge pulls the electrons in. Consequently the densities of 
the transition metals are high. In fact Sc 3-0 g/cc and Y and Ti 4-5 g/cc are the 
only elements with a density less than five. 


Melting and Boiling Points 


x The melting and boiling points of the transition elements (see Appendix II) 
are generally very high. Zn, Cd and Hg are notable exceptions because the d 
block is complete. Apart from these and from La and Ag which melt at 920 °С 
and 961 °С respectively, all the others melt above 1000 °С. This is in marked 
contrast to the s-block metals where Li melts at 181 °С and Cs melts at 29 °С. 


Reactivity of Metals 


The metals show an increasing tendency to remain unreactive or noble. This 


` is favoured by high heats of sublimation, high ionization energies and low heats 


of solvation. (See page 106.) The high melting points indicate high heats of 
sublimation. The smaller atoms have higher ionization energies, but this is 
offset by their higher solvation energies. This tendency to noble character is 
most pronounced in platinum and gold, but this is offset by their higher 
solvation energies. 


Ionization Energies 


The ease with which an electron may be removed from a transition metal 
atom (that is, its ionization energy) is intermediate between those for the s and 
p blocks. Values for the first ionization energies (see Table 3.2) vary over a 
wide range from 541 kJ mol for lanthanum to 1007 kJ mol"! for mercury, 
comparable with the values for lithium and carbon respectively. This would 
suggest that the transition elements are less electropositive than Groups I and 
П and may form either ionic or covalent bonds depending on the conditions. 


. Generally, the lower valent states are ionic and the higher valent states cova- 


lent. The tendency to be ionic decreases as the atoms get larger. 


Colour 


Ionic and covalent compounds of transition elements are usually markedly 
coloured, in contrast to compounds of the s- and p-block elements which are al- 
most always white. Colour is associated with the ability to promote an electron 
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from one energy level to another. Exactly the right amount of energy to do this 
is obtained by absorbing the light of a particular wavelength. 

The d orbitals are not all identical in energy, and in the transition elements 
that have a partly filled d shell it is possible to promote electrons from one d 
level to another d level. This corresponds to a fairly small energy difference, 
and so light is absorbed in the visible region. If red light is absorbed, then the 
transmitted light contains an excess of the other colours of the spectrum—par- 
ticularly blue, so that the compound appears blue, for example Cu?*. 

Some compounds of the transition metals are white, for example ZnSO, and 
TiO,. In these compounds it is not possible to promote electrons within the d 
level in Zn?* because the d level is full, and in Ti** the d level is empty. In the s- 
and p-block elements there cannot be any d-d transitions, and the energy to 
promote an s or p electron to a higher energy level is much greater and may 
correspond to ultraviolet light, in which case the compound will not appear 
coloured to the eye. 


Magnetic Properties 


Many compounds of the transition elements are paramagnetic because of 
unpaired electron spins in the atom. Other substances in which all the electron 
spins are paired are termed diamagnetic. It should be noted that Fe, Co and Ni 
are ferromagnetic in addition; that is, they can be magnetized. 

The magnetic moment, which can be measured using a magnetic balance 
(Gouy balance), can give important information about the number of unpaired 
electrons present in the atom and the orbitals that are occupied, and in some 
cases indicates the structure of the molecule or complex. 

If a sample of a compound is weighed normally, then weighed again in the 
presence of a strong magnetic field, a weight change occurs. Diamagnetic 
materials have no unpaired electrons, and have zero magnetic moment. The ex- 
ternal magnetic field induces a small magnetic moment which is in opposition 
to the external field, hence diamagnetic materials repel lines of force, and show 
a slight decrease in weight. In contrast paramagnetic materials attract lines of 
force and increase in weight, because the sample is pulled down into the gap 
between the pole-pieces of the magnet (see Fig. 6.1). The magnetic moment can 
be calculated from the change in weight. Paramagnetism arises where there is 
one or more unpaired electron in a compound. The unpaired electron gives rise 
to a magnetic field because of its spin, and also because of the angular orbital 
momentum. The general equation for the magnetic moments of the first row of 


transition metal ions is 


йы. = V4S(S + 1) + L(L + 1) 


where $ is the sum of the spin quantum numbers, and L is the sum of the ог- 
bital angular momentum quantum numbers. (See coupling of orbital angular 
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Fig. 6.1 Diagram of Gouy magnetic balance. 


momenta and coupling of spins in Chapter 10, Spectra.) For an electron the 
spin quantum number m, has a value of + 4, hence 5 = m,.n where n is the 
number of unpaired electrons. 

In many compounds including the first row of the transition elements, the or- 
bital contribution is quenched out by the electric fields of the surrounding 
atoms, and as a slight approximation the observed magnetic moment may be 
considered to arise only from unpaired spins. Taking L = 0, the spin only mag- 
netic moment equation may be written 


Us = VAS(S + 1) 


The equation relating the magnetic moment и (measured in Bohr Mag- 
netons) to the number of unpaired spins п is 


us = n(n + 2) 
Thus when n= 1, u = 1-73 BM; n= 2, u= 2-83 BM; п= 3, u= 3-87 BM; 
and n = 4, и = 4-90 BM. 
In the lanthanide elements where unpaired electrons occupy 4f orbitals, and 
in some cases particularly for the second and third row transition elements, the 
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orbital motion is not prevented or quenched, and a more complicated formula 
is used. This involves the quantum number J which is obtained from Russell- 
Saunders coupling of the L and S quantum numbers. This is described in 
Chapter 10, Spectra. The equations are 

u-gyJQ + 1) 


where 
S(S+1)—L(L +1)+ JJ +1) 


2J(J + 1) 
The agreement between the observed and calculated magnetic moments of the 
trivalent lanthanide elements is very close. This is thought to be because the 
4f electrons are very effectively screened from environmental effects by the 
outer shells of s and p electrons. For further details see Chapter 16 of ref. 1. 


=1+ 


Catalytic Properties 


Many transition metals and their compounds have catalytic properties, per- 
haps the most common being FeSO, and H,O, (used as Fenton's reagent for 
oxidizing alcohols to aldehydes); Fe/Mo (manufacture of МЇН); Pd for hydro- 
genation (e.g. phenol to cyclohexanone); Pt/PtO (Adams catalyst) for reduc- 
tions; Pt (formerly used for SO, ^ SO,); Pt/Rh (oxidation of NH, to NO); 
Cu/V (oxidation of cyclohexanol/cyclohexanone mixtures to adipic acid—for 
Nylon 66); V,0, (SO, to SO,); Cu (manufacture of (СН), SiCl, for silicones); 
Ni (Raney nickel) numerous reduction processes (e.g. manufacture of hexa- 
methylenediamine); and ТЇСЇ, (Ziegler-Natta catalyst for polythene). In some 
cases the transition metals with their variable valency may form unstable inter- 
mediate compounds, and in other cases the transition metal provides a suitable 
reaction surface. 


Variable Valency 


One of the most striking features of the transition elements is that they ex- 
hibit variable valency. Many of the elements show a wide range of valencies 
and the valency changes in units of one, e.g. Fe?* and Fe?*, Cu?* and Cut. 
This is in contrast to the s-block elements, where the valency always equals the 
group number, and the p-block elements, where the valency either equals the 
group number or eight minus the group number. Variable valency does occur 
to a limited extent in the p block, but the valency always changes by two, e.g. 
ТІСІ, and ТІСІ, SnCl, and SnCl,, PCl, and РСІ,, and is due to a different 
cause. The term oxidation state is preferred to valency, and may be defined as 
the charge left on the central atom when all the other atoms of the compound ` 
have been removed as ions, e.g. №-, O?-, Cl- and H+. Thus ТІ shows oxi- 
dation states of (+Ш) and (+1), Sn of (+IV) and (+1), and P of (+V) and 
(+Ш). The oxidation number can be found equally well for ionic or covalent 
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compounds, and without knowing the types of bonds. Thus the oxidation num- 
ber of Mn in KMnO, may be worked out as follows: remove К+ ion (leaving 
one negative charge behind) and remove four O?- ions (leaving eight positive 
charges behind) so that the charge left on Mn is —1 + 8 = (+VII). It must be 
emphasized that the oxidation number is not necessarily the charge on the ion, 
for whilst TI* and TI?* exist, Mn?* does not exist, as KMnO, ionizes into Kt 
and-MnO,-. 

The oxidation states shown by the transition elements may be related to their 
electronic structures. Calcium, the element preceding the first row of transition 
elements, has the electronic structure: 


Ca 1s?2s?2p53s?3p5 4s? 


It might be expected that the next ten transition elements would have this 
electronic arrangement with from one to ten 3d electrons added. This is true ex- 
cept in the case of Cr and Cu, where one of the s electrons moves into the d 
shell, because of the additional stability when the d orbitals are exactly half 
filled or completely filled (Table 6.3). 


TABLE 6.3 


Sc Ti V Cr Mn Fe Co Ni Cu Zn 


Electronic d's? dis dg sx dis? dés? d's d's? Dis d's? 

structure ds! 21051 
Oxidation I I 

states Il П II II П Il II II II II 

Hr HI IH IJ IUE IH IH шш 
EVE „УУ Лы IVRSIV — IV. IV 
V у у у у 
VI VI VI 
VII 


ee aaaaaaaaaaaasaaaasasaaaasasasaasasasasaaeasaaeeaaIeItla 


Thus Sc could have an oxidation number of (+1) if both s electrons are used 
for bonding and (+1) when two s and one d electrons are involved. Ti has an 
oxidation state (--II) when both s electrons are used for bonding, (+III) when 
two 5 and one d electrons are used and (--IV) when two s and two d electrons 
are used. Similarly, V shows oxidation numbers (II), (III), (IV) and (V). In the 
case of Cr, by using the single s electron for bonding we get an oxidation num- 
ber of (+1); hence by using varying numbers of d electrons oxidation states of 
. (1), (ID, (ТУ), (V) and (VI) are possible. Mn has oxidation states (П), (Ш), 

‚ (IV), (У), (VI) and (УП). Among these first five elements, the correlation be- 
tween electronic structure and minimum and maximum oxidation states in | 
simple compounds is complete. In the highest oxidation states of these first five 
elements, all of the s and d electrons are being used for bonding, so the properties 
depend only on the size and valency, and consequently show some similarities 
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with elements of the Main Groups in similar oxidation states. For example 
SO,” and CrO,” are isostructural, as are SiCl, and ТіСІ,. 

Once the 2° configuration is exceeded, in the last five elements, the tendency 
for all the d electrons to participate in bonding decreases. Thus Fe has a maxi- 
mum oxidation state of (-- VI), though the second and third elements in this 
group attain a maximum oxidation state of (4 VIII) in КиО, and OsO,. 
(Reports of OsF, have proved to be incorrect.) The difference between Fe and 
the other two elements is attributed mainly to the increased size. 

These facts may be conveniently memorized, because the oxidation states 
form a regular ‘pyramid’ in Table 6.3. Only Sc (+1) and Co (+V) are in doubt. 
In addition, several of the elements have zero-valent and other low-valent states 
in complexes, particularly with carbon monoxide and dipyridyl. 

This type of table of oxidation states is only partially valid in the case of the 
other rows of transition elements. In both the second and third rows a maxi- 
mum oxidation state of (-- VIII) is found in the iron group. Also, the electronic 
structures of the atoms in the second and third rows do not exactly follow the 
pattern of the first row. The structures of the nickel group are: 


Ni 3d* 4s? 
Pd 44! 550 
Pt 5а 6s! 


Stability of the Various Oxidation States 


Compounds are regarded as stable if they exist at room temperature and are 
not oxidized by the air, hydrolysed by water vapour or disproportionate at nor- 
mal temperatures. Within each of the transition groups, there is a difference in 
stability of the various oxidation states that exist, and in general the second and 
third row elements exhibit higher coordination numbers, and their higher oxi- 
dation states are more stable than the corresponding first row elements. This 
can be seen from Table 6.4, which gives the known oxides and halides of the 
first, second and third row transition elements. Stable oxidation states form 
oxides, fluorides, chlorides, bromides and iodides. Strongly reducing states prob- 
ably do not form fluorides and/or oxides, but may well form the heavier 
halides. Conversely, strongly oxidizing states form oxides and fluorides, but not 
iodides. 


Ability to Form Complexes 


Transition elements form many coordination compounds, in contrast to the 
5- and p-block elements. This is because the transition elements have small, 
highly charged ions and vacant orbitals of approximately the correct energy to 
accept lone pairs of electrons donated by other groups or ligands. 

The nature of coordination complexes and the important crystal field theory 
of bonding are discussed in Chapter 8. 
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TABLE 6.4 


The most stable compounds are underlined, unstable compounds are denoted by 
brackets, h indicates hydrated oxides, g indicates that it occurs only as a gas, m 
indicates metal-metal bonding, c indicates cluster compounds, x indicates mixed oxide 


and d indicates that it disproportionates. 
(a) Oxides and Halides ofthe First Row 


Sc Ti у Cr Mn Fe Co Ni Cu Zn 
+ o TiO vo" co МО ЕО Coo мо CuO 210 
Е VF; CrF, MnF, FeF, Соғ, МЕ, См, ІЛЕ; 
с! ЧО? VCl, crcl, MnCl, FeCl, Сос, МС, CuCl, ZnCl, 
Br TiBr, — УВ, св, MaBr, Ее, Со, МіВг CuBr, 218г, 
1 Ti, — VL Ch, м. Fl Со, Ni, 2л. 
+Ш О S&O, TiO, VO,  CrO, М0, FeO, (Co) (NiO)" 
Е SF ТІР, — VF, Cr,  MnF, ЕР, Соғ, 
CI ScCly Ticl, ус!, CrCl, (MnCl) FeCl, 
Br ScB TiBr, VBA, СгВг, ЕеВг, 
тоф, т М, Сс 
+V о то; vo; CrO, MnO, (CoO)" Nio)’ 
F Ti VF, Сг, (MnF.) 
cl Усі, 
Br (VBr)  CrBr,8? 
I (VL) 
+V О Уд, 
Е VF, Ў Се, 
cl 
Br 
І 
+! О сю, 
Е (СгР,) 
[e] 
Br 
I 
+уп O (Mn,0,) 
P 
cl 
Br 
I 
Other MnO, FeO, Соо, сьо 
сот- (CrF) CuCl 
pounds CrF, CuBr 
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TABLE 6.4 (continued) 
(b) Oxides and Halides of the Second Row 


Y zr Nb Mo Te Ru Rh Pd Ag са 
4 o ZrO? мо RhO РО AgO* СаО 
F PdF, АВЕ, CdF, 
с! ZrCl, MoC; РаСІ, сас, 
вг ZrBr? — (NbBr) MoBr PdBr, CdBr, 
1 и? (мы)? Pal, са, 
+ш О Y, Ru,  RhO, (PdO? (Ag,0) 
F YF, МЕЕ MoF, RuF, Е, 
Cl ҮС, ЖС, МС МОС" RuCl, СІ 
Br YBr,  ZrBr,  NbBré — MoBr, RuBr, — RhBr, 
LaL 71, Nbl; Mol, Ru? ЮМ, 
+V о ZrO, МО, MoO," TcO; ВиО,  RhO,  (PdO)" 
F ZIF. (МЕ) MoF, RuF, ҺЕ, PdF, 
с! ZrCl, — NbCl" моб" ТС, RuCl? 
Br ZrBr, ^ NbBr^ Мов, 
I Zi, Мы" Mol, 
+у 0 Nb, Мо, 
Е NbF, Мов, RuF, — (RhF) 
с! NbCl, — MoCl, 
Br NbBr, 
I Nol, 
+ О MoO, ToO,  (Rw0)" 
F MoF, Те, RuF, КАЕ, 
с! MoCl,? 
Br 
I 
+уп О Tc,0, 
F Rum 
а 
Вг 
I 
Other ZrCl МЕ, RuO, Ав;О 
сот- мы АВЕ : 
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TABLE 6.4 (continued) 
(c) Oxides and Halides of the Third Row 


La Hf Ta w Re Os Ir Pt Au He 
a О (Po) Hgo 
F (ReF,) НЕР, 
а нс? W,Ch; (ReCl) OsCl, (С) РС, HgCl, 
Br HfBr,? W,Br,° (ReBr) РІВг HgBr; 
П (Rel) Оз, Pu, Hgl, 
+ш о 140, ко) (Ir,0,)" (РО? Au, 
F LaF, Тағ, ПЕ, AuF, 
"Сі тас, нс Тас ReCh: OsCl ИС AuCl, 


Br LaBr, НВ — TaBry йе“ О; ИВ AuBr; 
l Lal, нп, йл Os, — du, 
+v 0 ню, WO, Ке," ОО, 0; рО; 
Е HF, WF, кє, ОР, DF PF, 
с нб, Тас" МС, кеб” 0501, (ИС? РС, 
вг HfBr, Тав" WBr, —ReBr,  OsBr, (ив? PUBr, 
1 HM, та" м, Rel, Оз, Q1) Puy 
+У o TaO,  (W,0) (Re,0,) 
F TaF, WF ReF, О, (rF) РЕ, 
с! TaCl, МС, есі, 
Br TaBr, МВ, еВ, 
] та, 
+ O wo, ReO, (0s0)^ (О) (РО) 
F WF, ReF, ОЗЕ, Е, PF, 
с! УСІ, кес, 
Br WBr, 
1 
*VII О Re,0, 
F ReF, 
с! 
Br 
1 
Other НСІ озо, Au,O Hg;F;" 
сот: Ex Hg,Cl." 
pounds Hg;Br;" 


Nonstoichiometry 


A further feature of the transition elements is the existence of non- 
stoichiometric compounds; that is, compounds of indefinite structure and pro- 
portions. For example, iron(II) oxide FeO should be written with a bar over the 
formula to indicate that this formula does not imply that iron and oxygen 
atoms are exactly in the ratio 1:1, because analysis shows that the formula 
varies between Fe,..,O and Fe,.,,O. Vanadium and selenium form a series of 


T—————áÉÉÁÓÁÁ 
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compounds ranging from VSe,.,, to VSe,. These are given the formulae: 


VSe  (VSeo.93 > VSe,.2) 
Уе, (VSe,.. > VSe,.) 
V,Se, (VSe,.s > VSe,) 


This nonstoichiometry is shown particularly among compounds of the 
Group VI elements (О, S, Se, Te) and is due to the variable valency of trans- 
ition elements and also to defects in the solid structures. 

The d levels are complete at copper, palladium and gold in their respective 
series, 


Cu За! 45! 
ра 441 550 
Ай 5d'? 6s! 


but in their most common oxidation states of Cu(II), Pd(II) and Au(III) they 
have a d? or d? configuration with an incompletely filled d level, and are typical 
transition elements. However in zinc, cadmium and mercury the ions Zn?*, 
Cd?* and Hg?* have a d™ configuration so that these elements do not show the 
properties characteristic of transition elements. 


Abundance 


Considering the first row of transition elements, those with even atomic 
numbers are in general more abundant than those with odd atomic numbers in 
the same part of the table (see Appendix I). Manganese is exceptional. The 
second and third rows of elements are generally less abundant than the first 
row. Of the last six elements in the second and third rows (Tc, Ru, Rh, Pd, Ag, 
Cd; Re, Os, Ir, Pt, Au, Hg) none occurs more than 0-15 parts per million 
(p.p.m.) in the earth's crust. 


Scandium Group 
TABLE 6.5 
Еа И РАЦ еШ ine a ЕСН ЕЕЕ 
Element Electronic structure Oxidation states* 

Scandium Sc [Ar] 3d! 4s? ш 

Yttrium Y [Kr] 4d! 5s? ш 
Lanthanum La [Хе] 54! 6s? ш 
Actinium Ас [Rn] 6d! 7s? ш 

* See р. 154. 


These four elements are sometimes grouped with the fourteen lanthanons 
and called Collectively the ‘rare earths’. This is a misnomer because the scan- 
dium group are d-block elements and the lanthanons f-block elements; also the 
scandium group is by no means rare, except for actinium which is radioactive. 
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Oxidation State 


The elements always exist in the oxidation state (--III), and occur as M?* 
ions. Removal of the two s and one d electron to make the trivalent ions gives a 
d" configuration, and consequently the ions, and their compounds, are 
colourless and diamagnetic. The sum of the first three ionization energies for 
scandium is a little less than the sum for aluminium, and the properties of scan- 
dium are similar in some ways to those of aluminium. 


Size 
The covalent and ionic radii of the elements increase regularly on descending 
the group as in the s block. The later groups of transition elements are affected 


by the lanthanide contraction due to the 14 f block elements which occur after 
lanthanum. 


Chemical Properties 


The metals are quite reactive, and reactivity increases with increased size. 
They burn in oxygen giving oxides M30, and tarnish in air. Y forms a protec- 
tive oxide coating in air, which makes it unreactive. They react slowly with cold 
water, and more rapidly on heating, liberating hydrogen and forming basic 
oxides and hydroxides. 

La + H,O > La(OH), ^ LaO. OH 

hydroxide basic oxide 
Sc(OH), appears not to exist as a definite compound, but ScO.OH is well 
established, and is amphoteric like AI(OH),. Basic properties of the oxides and 


TABLE 6.6 
Element Covalent Ionic Ionization energies Abundance in Melting Pauling’s 
radius radius (kJ mol!) earth'scrust point electro- 

M+ — negativity 
А А Ist 2nd 3rd р.р.т. Ho) value 
Sc 1-44 0-70 631 1235 2393 5 1539 1-3 
Y 1-62 0.90 616 1187 1968 28 1509 1-2 
La 1-69 1-06 541 1100 1852 18 920 1-1 
Ac 1-11 trace ~1050 1-1 


hydroxides increase on descending the group, and Y(OH), and La(OH), are 
basic. Since scandium is amphoteric, it dissolves in NaOH 


Sc + NaOH > [Sc(OH),]?- + H, 


The oxides and hydroxides form salts with acids, and Y(OH), and La(OH), 
react with carbon dioxide 


Y(OH), + CO, + Y,(CO,); 


307 


La(OH), is a strong enough base to liberate NH, from ammonium salts. 
Because the oxides (and hydroxides) are either amphoteric or weak bases, their 
salts can be decomposed to oxides by heating, in a similar way to Group II ele- 
ments, but rather more easily. 

heat 


ү(он), —=— y,0, 


ОСО алны, 


Y,(S0,); ——, v,o, 
heat 
Y(NOXM' ——- Y.0; 
The metals react with the halogens forming trihalides MX,. The fluorides are 
insoluble, and the others are deliquescent and very soluble like CaCl,. The 


anhydrous chlorides can be made from the oxides 


300 °C 
Sc,0, + 6NH,Cl_ ———>+ 2ScCl, + 6NH, + 3H,0 


ScCl, differs from AICI, since ScCl, is monomeric whilst (AICI,), is dimeric, 
and ScCl, shows no Friedel Crafts catalytic properties. If the chlorides are pre- 
pared in solution, they crystallize as hydrated salts. These hydrates halides 
decompose on heating, Sc giving the oxide rather than the anhydrous halide, 
and the others giving oxyhalides. 


ScCl,H,O “> Sc,0, + HCl 


үсі,.н,0 1. yoci« HCI 
t 


LaCl,.H,O 1. та0СІ+ HCI 
The salts generally resemble those of calcium, and the fluorides, carbonates, 
phosphates and oxalates are insoluble, 

The elements all react with hydrogen on heating to 300 °C, forming com- 
pounds of formula МН гз, which are not quite stoichiometric. The exact com- 
position depends on the temperature and the pressure of the hydrogen. The 
hydrides react with water, liberating hydrogen, and are salt-like (ionic) hyd- 
rides containing the H- hydride ion. 

Scandium forms a carbide ScC, when the oxide is heated with carbon. The 
carbide reacts with water liberating acetylene. 

scoa 10°С, sec, ус» СІНО ОН 
At one time the carbide was thought to be divalent Sc?+ (C=C)*-, but magnetic 
and conductivity measurements have shown that it contains Sc?* ions, C,?- 
ions and free electrons. 

Despite the charge of +3, the metal ions in this group do not have a strong 
tendency to form complexes, because of their fairly large size. Scandium is the 
smallest ion and forms complexes more readily than the other elements. These 
include [Sc(OH),]?-, and [ScF,]?- (formed by dissolving ScF, in HF), which 
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are octahedral in shape. 
ScF, + 3NH,F > [ScF,]^- 

In addition, complexes are formed with strong complexing agents such as 
oxalic acid, citric acid, acetyl acetone and EDTA. The complexes of the large 
metals often have a coordination number greater than six, for example a coor- 
dination number of eight in La(acetylacetone),.(H,O),, and a coordination 
number of ten in [La.EDTA.(H,0),].3H,O. In the latter compound, EDTA 
forms four bonds from oxygen atoms and two from nitrogen atoms, and the 
oxygen atoms in the four water molecules all form bonds to lanthanum. 

Lanthanum salts have been used as a biological tracer, since La?* appears to 
replace Ca?* in the conduction of nerve.impulses along the axons of nerve cells, 
and also in structure promoting in cell membranes. This similarity is probably 
due to their similarity in size (Lat = 1-06 A, Ca? = 0-99 A), and La?* is 
readily detected by electron spin resonance. 


Occurrence, Separation and Extraction 


It is difficult to separate compounds of Y and La from those of the 
lanthanide elements (see Chapter 7). It is also difficult to extract the metals 
from their compounds because their melting points are high, they react with 
water, and their oxides are very stable so that a thermite reaction cannot be 
used (ALO, heat of formation 1675 kJ mol-!, La,O, heat of formation 1884 
kJ mol-?). The metals are obtained by reduction of the chlorides or fluorides 
with calcium at 1000 °С. 

Actinium is always found associated with uranium and thorium, and it oc- 
curs in both the actinium and thorium natural radioactive decay series (Chap- 
ter 9). There are two naturally occurring isotopes, which are both intensely 
radioactive, with half-life periods of 6 hours and 22 years respectively. It fol- 
lows that any actinium present when the earth was formed will have long since 
decayed, and any found now must have been produced fairly recently by radio- 
active decay of another element. This explains the scarcity of naturally occur- 


vis actinium. The high activity has limited the study of the chemistry of the 
element. 


Titanium Group (Table 6.7) 


TABLE 6.7 
Element Electronic structure Oxidation states 
Titanium Ti [Ar] 3d? 4s? (=D (0) (1) Ш IV 
Zirconium Zr [Kr] 44 552 0 (II) (IID IV 
Hafnium Hf [Xe] 4f 5d? 652 (Шуу 


TT 
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Oxidation States 


The most common and most stable oxidation state for all the elements is 
(+IV). The energy to remove four electrons from an atom is large, and anhyd- 


. rous compounds such as ТЇСЇ, are covalent. The two s and two d electrons are 


shared with other atoms to form covalent molecules, which are tetrahedral. The 
oxides МО, are regarded as ionic, but they are insoluble, and М “+ ions do not 
exist in solution. In the oxidation state (+IV) the elements have a d? con- 
figuration, and are consequently diamagnetic, and typically white or colourless. 

The oxidation state (+Ш) is reducing, and Ti*+ ions are more strongly 
reducing than Sn?+. They are reasonably stable, and exist as solids and in 
solution. Since the M?* ions have a d! configuration they have one unpaired 
electron and are paramagnetic. The magnetic moments of their compounds are 
close to the spin only value of 1-73 Bohr magnetons. With only one d electron, 
there is only one possible d-d electronic transition, hence there is only one band 
in the visible spectrum, and nearly all the compounds are purple coloured. 

The (+II) state is very unstable and so strongly reducing that it reduces 
water, hence the few compounds known exist only in the solid state. The (0), 
(—I) and (—II) states are found in the dipyridyl complexes [Ti®(dipy),], 
Li[Ti-*(dipy),13-5 tetrahydrofuran and Li,[Ti-" (аїру); 15 tetrahydrofuran. 

The lower oxidation states tend to disproportionate into a higher oxidation 
state and a lower state. 


arime, 1, TiVcl, + Ti'cl, 


2Ti"Cl, > Ti'"Cl, + Ti? 


Size 


The covalent and ionic radii increase normally from Ti to Zr, but the expec- 
ted increase in size from Zr to Hf is almost exactly cancelled by the decrease in 
size which occurs because of the filling of the 4/'level (see Lanthanide contrac- 
tion, Chapter 7). Since the size of Hf and La are almost identical and they have 
a similar electronic structure, their chemical properties, too, are almost iden- 
tical. Separation of these two elements is difficult, and ion exchange of an al- 
coholic solution of the tetrachlorides on silica gel columns is one of the best 


TABLE 6.8 
SS SS e E 
Element Covalent Іопісгайішѕ М.рі. Abundance in Pauling's ү 

radius M** earth's crust electronegativity 
А do p.p.m. 
Ti 1-32 0-68 1668 4400 1-5 
Zr 1-45 0-80 1852 220 1:4 
Hf 1-44 0-80 2222 45 1-3 
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methods. On eluting the column with an аісоћо/НСІ mixture, the Zr comes off 
first. 


Reactivity and Passive Behaviour 


The metals are unreactive or passive at low temperatures because of the for- 
mation of a thin impermeable oxide film. At room temperature they are unaf- 
fected by either acids or alkali. However, titanium dissolves slowly in hot con- 
centrated НСІ giving Ti** ions and in HNO, giving TiO,.(H,O),,. Zirconium 
dissolves in hot concentrated H,SO, and aqua regia. The best solvent for all the 
metals is HF, because of the tendency to form hexafluoro complexes. 


Ti+ 6HF > H,[TiF,] + 2H, 


In contrast the metals are very reactive at temperatures over 600 °C. They 
form oxides MO,, halides MX,, interstitial nitrides MN and interstitial carbides 
MC by direct combination. Like the scandium group, the powdered metals ab- 
sorb hydrogen. The amount absorbed depends on the temperature and pres- 
sure, and interstitial compounds are formed of limiting composition MH,. The 
hydrides are stable in air, and are unaffected by water—in marked contrast 
with the behaviour of the ionic hydrides of the scandium group and s block 
elements. 


(+IV) State 


Oxides, oxyions and peroxides. The elements of this group all form very 
stable ionic dioxides MO,, which are insoluble in water, nonvolatile, and ren- 
dered refractory by strong ignition. TiO, occurs in three different crystalline 
forms: rutile, anatase and brookite. Rutile is the most common, and each Ti is 
surrounded octahedrally by six O atoms (see crystal structures of type AX, in 
Chapter 2). The structures of the other two are distorted octahedral arrange- 
ments. TiO, is used in large amounts as a white pigment in paint, and to make 
coloured paint opaque. It is about ten times better than white lead for this pur- 
pose, and also has the advantage of being nontoxic. (About 7000 tons a year 
are used in the USA.) It is also used as an opacifier in paper, and for delustring 
and whitening nylon. TiO, is obtained either by purifying rutile, or from TiCl,. 
The latter is hydrolysed first to the oxychloride, then to the hydrated oxide. 

ТІСІ, + H,O + TiOCI, > TiO,. (HO), 
Ti(OH), is not known—presumably it dehydrates to give the hydrated oxide. 
The basic properties of the oxides increase with atomic number: TiO, is 
amphoteric, ZrO, and HfO, are increasingly basic. TiO, dissolves in both 
bases and acids, forming titanates and titanyl compounds 


A conc. Н,$О. > Ni 
Tioso, «————=—  Tio,.(H,0), -OO Na Tio, (H,O), 


titanyl sulphate sodium titanate 
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Anhydrous titanates Na;TiO, and Na,Ti,O, can be made by fusion of TiO, 
with metal carbonates or hydroxides. Calcium titanate CaTiO, occurs 
naturally as perovskite, and ilmenite Fe'TiO, is also well known. BaTiO, has a 
perovskite structure Fig (6.13), and is important because it is strongly ferro- 
electric. ZrO, is basic and no zirconates exist. Compounds formed by heat- 
ing ZrO, with other metal oxides such as CaO at temperatures of 1000- 
2500 °С were once called zirconates, but CaZrO, is isomorphous with 
perovskite and is a mixed oxide CaO.ZrO,. On strong heating ZrO, becomes 
very hard and its high melting point of 2700 °C and resistance to chemical at- 
tack make it useful for making high-temperature crucibles and furnace linings. 
The reaction of TiO, with acids does not give Ti** ions in solution because the 
charge/radius ratio is too high, and basic salts are formed. The titanyl ion does 
not exist as the monomeric species TiO?*, but polymerizes to form (TiO?*), 
chains 
Ti Ti 

“бе A do 

n^ n 


In a similar way Zr^* ions do not exist in solution, and the zirconyl ion ZrO?* 
polymerizes. The most important zirconyl compound zirconium oxychloride 
ZrOCI, contains the ion [Zr,(OH),(H,O),,I*. This is used in qualitative 
analysis to remove any phosphate ions present which would interfere with the 
systematic analysis for metals, since zirconium phosphate is insoluble. The 
other phosphates in the titanium group are also insoluble. 

A most characteristic property of Ti(IV) solutions is that they form an in- 
tense yellow-orange colour on addition of H,0,. This can be used for the 
colorimetric determination of either Ti(IV) or H,O,. The reason for the colour 
is not known, but the peroxy complex ‘formed in strongly acid solution 
(pH = 1) is [Ti(O;). OH. (H,O),]* in which the peroxy group is bidentate. At 
higher pH values complex polymeric species are formed. 


Halides. The halides MX, can be made from the halogens and metal: TiCl, 
is the best known, and it is made commercially by heating TiO, with carbon 
and chlorine. The other titanium halides can be prepared from ТЇСЇ, by reac- 
tion with the appropriate hydrogen halide. 


ТЇСЇ, + 4HBr > TiBr, + 4НСІ 
ТЇСЇ, is a colourless, diamagnetic, covalent fuming liquid. ZrCl, is a white 
solid, In the gaseous state, all the halides are tetrahedral, but in the solid zig- 


zag chains of MX, octahedra exist. The halides are all hydrolysed vigorously 
by water, and fume in moist air. The fluorides are more stable than the others. 


nix, 282 тох, 2% ТО, (Н,0), 


With excess water, hydrolysis is complete for TiCl,, but with ZrCl, hydrolysis 
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(a) [ZrF,]?- ion in Ма,[7гЕ,] (b) [ZrF,]?~ ion in 

pentagonal bipyramid (NH,),{ZrF,] trigonal prism 
with an extra atom in the middle 
of a rectangular face 


(с) [ZrF,]^- ion in (d) [ZrF,]*- ion in NaJZrF,l 
[Cu(H;O),L?* ZrF,]^- square bisdisphenoid 

antiprism (like a cube with the 

top face rotated 45?) 


Fig.6.2 Structures of some fluoride complexes. 
is incomplete and the oxychloride is stable. The tetrahalides act as acceptors to 
a wide variety of donors, forming a large number of octahedral complexes 


TF, НЕ, [TFI stable 


HCl 
тс, == 


Other ligands include phosphines R,P, arsines К,Аѕ, oxygen donors R;O, and 
nitrogen donors such as pyridine, ammonia and trimethylamine. The com- 
plexes formed have the formula TiX, . L, and are octahedral, and in most cases 
the added ligands are cis to each other. A few unusual five-coordinate com- 
plexes exist such as Et,N[Ti'"Cl,]- and TiCl,.AsH,. A few seven-coordinate 
complexes are known: Na,(ZrF,] and Na,[HfF,] have a pentagonal 
bipyramidal shape like IF,, whilst NH, [ZrF,] has a structure which is a tri- 
gonal prism with an extra fluorine in the middle of one face. Another unusual 
compound is Ti(NO,),, since two oxygen atoms from each nitrate group are 
bonded to titanium making titanium eight-coordinate, the shape being a nearly 
regular triangulated dodecahedron called a bisdisphenoid. A few eight- 


[TiCI- very unstable 
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coordinate complexes occur: Na,[ZrF,] and Na,[HfF,] have a bisdisphenoid 
configuration whilst [Cu(H,O),],?*[ZrF,]* has a square antiprism structure. 
The structures of the seven- and eight-coordinate complexes are given in Fig. 
6.2. 


(III) State 


All the (+III) compounds have а 2! configuration and are coloured and 
paramagnetic. Ti(III) is much more basic than Ti(IV), and the addition of 
alkali to Ti** solutions precipitates Ti,O,.(H,O),, which is purple in colour, 
and insoluble in excess alkali. 

The halides TiX, are readily formed by reducing TiX, compounds. 


Tic esere Tici, 22 f (тин;оы3*с; 


p ue Violet Violet 
Ti ДОШ тин,о),с?*с1; 


Сгееп 

The two hydrated forms of Ti" Cl, have different colours because the six 
ligands round the Ті! may be either six water molecules, or five water molecules 
and one chloride ion. These two environments give rise to a different degree of 
crystal field splitting of the d levels, hence the energy jump for the single d 
electron is different in the two cases. A wide variety of complexes are formed, 
for example, (ТШЕ, ]2-, [Ti C7, [TiMCl,.H,0]?-. [TiBr, . (dipyridyl),l, 
and [TiBr, . (dipyridyl),]* [TiBr, . dipyridyl]-. 

7г(Ш) and Hf(III) are unstable in water, and exist only as solid compounds. 


Disproportionate 
on heating TiCl4 


and 
ТІСІ, 


Organometallic Compounds 

Solutions of AIEt, and ТЇСЇ, react exothermically to form a brown solid, 
which is the important Ziegler-Natta catalyst for polymerizing ethylene. (See 
also organometallic compounds of Group III.) It has been found that the active 
species is ТЇШ, which is formed in situ. 


CH 
ci cj CH Cl сн, 
5 
| сн,=сн, `/ ©; М. z^ 
AIEts Ti Ti Ti бн, 
e / EN ci bo cit e V dns сй 
сб | tec, ch | Онген, Cl с "Сн тон; 


cl 
cl ) 
ete, CECH ch сну сн. cH, 
с^ 
cl 
Polymerization can be carried out under relatively mild conditions from room 
temperature to 93 °C, and from atmospheric pressure to 100 atmospheres. 
Eventually the product is hydrolysed with water or alcohol and the catalyst 
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removed. The polymer is called high-density polythene and has a density 0-95- 
0-97 g/cc and a melting point of 135 °C. It has a molecular weight of 20 000- 
30 000, and consists of straight chains with very little branching. This form of 
polythene is relatively hard and stiff. (Another form of polythene called low- 
density polythene is much softer and has a lower density 0-91—0-94 g/cc anda 
lower melting point of about 115 °C. This consists of much branched chains, 
and is produced by a free radical polymerization of ethylene and a promoter 
under much more severe conditions, 190—210 °С and 1500 atmospheres 
pressure.) 

A number of alkyls and aryls are known; CH;TiCl, and Ti(CH,.Ph), are 
stable, and Ti(CH,), is stable below —20 °C. Most compounds with an alkyl 
group attached to titanium will polymerize alkenes. 

A number of organometallic Ті! compounds are able to fix N, gas and pro- 
duce МН. One example is (C,, H,,Ti);. 


iM ll 
ИШ (OR), + 2Na —= Ti (OR), + 2 АО М№а 


f Ti'(oR), +N, arr ПОК, 
AITIOR), -N1,- 4 Na 82" ¢ Ti 


This cycle could be similar to the nitrogen fixation process in nature. 


Extraction 


Titanium is the ninth most abundant element in the earth's crust, and the 
main ores are rutile (one of the three forms of TiO.) and ilmenite FeTiO,. Zir- 
conium is relatively abundant and is found as zircon ZrSiO, and baddeleyite 
ZrO,. Hafnium is very similar to zirconium because of the lanthanide contrac- 
tion, and it occurs in zirconium ores. The difficulty in separating these two ele- 
ments is even greater than separating the lanthanides. 

Titanium has been called ‘the wonder metal’ because of its unique and useful 
properties. It is very hard, high melting, a good conductor of heat and electri- 
city, and has better corrosion resistance than stainless steel but is much lighter. 
It is used in jet and gas turbine engines, aircraft and marine equipment and in 
chemical plant. Small amounts alloyed with steel improve its properties, and 
about 10 000 tons of titanium are produced annually. The metal is not easy to 
extract because of its high melting point and because it reacts readily with air, 
oxygen, nitrogen, carbon and hydrogen at elevated temperatures. It is therefore 
quite expensive. Since the oxide is very stable, the first stage is to form ТЇСЇ, by 
heating with C and СІ,. One of the following methods is then used: 


(1) Kroll process. The tetrachloride is reduced by magnesium in an at- 
mosphere of argon. Pe 
Mg + ТІСІ, —— MgCl, + Ті 


ees са Seis 
MgCl, is removed by leaching with water or by vacuum distillation, and the 


sponge of titanium which is left is converted to the massive form by melting in 
an electric arc under a high vacuum or an atmosphere of helium or argon. 


(2) I.C.I. process. ТІСІ, is reduced by sodium under an atmosphere of 
argon. 


(3) Van Arkel method. Impure titanium is heated with iodine and the resul- 
tant tetraiodide is decomposed on a tungsten filament. 
50-50°С, тц, 40°С, ур 


tungsten 
filament 


impure Ti + I, 


(4) Electrolysis in an inert atmosphere. Because the tetrahalides are cova- 
lent, ТІСІ, or K,[TiF,] is used with NaCl and KCl added to lower the melting 
point, 

Currently methods 1 and 2 are used commercially. Method 3 is used to pro- 
duce high purity material on a laboratory scale. The metal may be further 
purified by zone refining when a heating coil passes slowly along a tube con- 
taining the impure material. The molten zone moves slowly and gives the 
equivalent of several recrystallizations. Pure solid separates and the impurities 
stay in the liquid and finish in the end zone. 


Vanadium Group (Table 6.9) 


TABLE 6.9 
Element Electronic structure Oxidation states* 
Vanadium у [Ar] 34245? (—1) (0) (D U IH IV V 
Niobium Nb [Kr] 44 5s? (-1) II III IV V 
Tantalum Ta [Xe] 4/14 54° 6s? (—1) II III IV V 


*See p. 154. 


Oxidation States 


The maximum oxidation state for this group is (+V). Vanadium has a very 
wide range of oxidation states from (—I) to (+V), of which the states (+1), 
(+III), (+IV) апа (+V) are important and exist both as solids and in solution. 
The (+П) and (+Ш) states are reducing, (+IV) is stable, and (+V) slightly oxi- 
dizing. For zirconium and hafnium the (+V) state is by far the most stable and 
the best known, although lower oxidation states are known. Zinc and acid 
reduces V(+V) to V2+, Nb(+V) to Nb?* and does not reduce Ta(+V). This il- 
lustrates the increasing stability of the (+V) state, and the usual trend is that on 
descending a group the lower oxidation states become less stable and the higher 
States more stable. 
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Size 


The atoms are smaller than those of the titanium group, and because of the 
lanthanide contraction, the covalent and ionic radii of Nb and Ta are almost 
identical (Table 6.10). Consequently these two elements have very similar pro- 
perties, occur together, and are very difficult to separate. 


TABLE 6.10 
Covalent radius Melting point Abundance in earth’s 
crust 
A °C p.p.m. 
у 1-22 1700 150 
Nb 1-34 2468 24 
Ta 1.34 3000 2 
General Properties 


Vanadium is similar to titanium in that it is hard, high melting, extremely 
corrosion resistant, and at room temperature it is not affected by air, water, 
alkalis, or non-oxidizing acids other than HF. It dissolves in hot concentrated , 
H,SO,, HNO, and aqua regia. Niobium and tantalum are also very unreactive 
and resistant to acids except HF, but dissolve in fused alkali. At high tem- 
peratures the elements react with many nonmetals. 

Vanadium forms many different positive ions, but niobium and tantalum 
form virtually none. Thus though Nb and Ta are metals, their compounds in 
the (+V) state are mostly covalent, volatile, and readily hydrolysed—proper- 
ties associated with nonmetals. 

The tendency to form simple ionic compounds decreases with increasing oxi- 
dation state. Thus У?+ and V?* both exist as hexahydrates. The oxidation state 
(+IV) may be covalent as in УСІ,, but there are a wide range of compounds 
containing the hydrated vanadyl VO?* ion. The (+V) state may be covalent as 
in VF,, or form VO,* or VO,” hydrated ions. 

The basic properties of the oxides М,О, increase down the group. VO; is 
amphoteric but mainly acidic. Thus it dissolves readily in NaOH forming @ 
wide range of vanadates and also dissolves slightly in concentrated H,SO, for- 
ming VO,* ions. Nb,O, and Ta,O, are rather unreactive but are amphoteric. 
They have only very weak acidic properties, and the niobates and tantalates, 
which are only formed by fusing with NaOH, are decomposed by weak acids 
or CO,. 

In the lower oxidation states Nb and Ta form a large number of cluster com- 
pounds, in which groups of metal atoms are bonded together. 
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Reduction Potentials (in acid solution) 


Oxidation state 


+V +IV +111 +11 0 
1-0 -36 —0. E 
уон) <a вына? Е О e tus V 
| —0-25 
20:1 = 1.1 
№,0, Nb?* | Nb 
| —0-65 | 
—0.81 
Ta,O5 Ta 
Colour 


Colour in transition metal compounds very commonly arises from d-d 
electronic transitions, but it can also arise from defects in the solid state (see 
Chapter 2) and less commonly from charge transfer spectra. (Charge transfer 
spectra are discussed under SnI, in Chapter 5.) The oxidation states below 
(+V) have a suitable arrangement of electrons to give d-d spectra, and their 
compounds are coloured. The (+V) state has a d? configuration so d-d spectra 
are impossible. Nevertheless some (+V) compounds are coloured: V,0, 
because of defects and МЬСІ,, NbBr, and МЫ, because of charge transfer. 


Compounds with Nitrogen, Carbon and Hydrogen 


At high temperatures the metals form interstitial nitrides ММ and two series 
of carbides MC and MC, The former are interstitial, refractory and very hard, 
and the latter are ionic and react with water, liberating acetylene. 

These elements form nonstoichiometric hydrides, and the amount of hydro- 
gen absorbed depends on the temperature and pressure. Here, as in the 
titanium group, the metal lattice expands as hydrogen enters interstitial 
positions; hence the density of the hydride is less than that of the metal. It is 
difficult to decide if these are true compounds or solid solutions, since the maxi- 
mum hydrogen contents are: VH,.;,, МЫН,.з and Тан, зе. 


Halides 


On heating, Nb and Ta react with all the halogens giving pentahalides MX, 
but with V the oxidation state formed depends on the particular halogen: VE; 
VCl,, VBr, and VI,. The whole range of compounds formed is summarized in 
Table 6.4, but all the halides are volatile, covalent and hydrolysed by water. 


318 


(+V) state. V forms only а pentafluoride, but Nb and Ta form the full range 
of halides. These may be formed by direct reaction of the elements or by the 
reactions 


M30, + F, => МЕ, NbCI, or Тасі, + F, + MF, 
2VF, – 10902, VF,+VF, — NbCl,or TaCl, + HF > MF, 
lisproportionates = 


The structures of the halides are varied. The fluorides are built of octahedral 
MF, units with two cis fluorine atoms acting as bridging groups with other 
octahedra. VF, forms long chains of octahedra in this way, whilst Nb and Ta 
form cyclic tetramers of octahedra (Fig. 6.3a). The other halides of Nb and Ta 
form monomeric trigonal bipyramids in the vapour state, but іп the solid МЫС, 
and TaCl, are dimeric 


СІ 
эм 
Cl NEC 5мь.с, 


with two octahedra joined by sharing two corners, i.e. one edge (Fig. 6.3b). 

The pentafluorides all react with F- ions forming octahedral [MF] com- 
plexes. As in the titanium group, the heavier elements can form complexes with 
higher coordination numbers, and with higher concentrations of F~ the com- 
plexes [NbOF,]?-, [NbF,]?~ and [TaF;]^- are formed. The seven-coordinate 
species have structures related to a trigonal prism with one extra atom in a 
rectangular face (Fig. 6.2b). With an even higher concentration of F~, Ta 
forms [TaF,?- with a square antiprism structure (Fig. 6.2c) whilst Nb forms 
[NbOF,]*- which is octahedral with an extra atom in one of the faces. This 
inability of Ta to form oxyhalides may be used to separate the two elements. 

On heating the pentahalides in air, oxyhalides M OX, are formed. VOCI, сап 
be made by heating any vanadium oxide with chlorine (and sometimes carbon), 
and is tetrahedral in shape. The oxyhalides are all readily hydrolysed by water 
to the hydrated pentoxide. 

The pentahalides react with N,O, in giving solvated nitrates such as 
NbO;.NO,.0-67 MeCN, and anhydrous nitrates such as NbO(NO,), 

Since the oxidation state (+V) has a d? configuration, the compounds should 
be white. The fluorides are white but the other halides are yellow, brown of 
purple coloured, the colours arising from charge transfer spectra. 


(+IV) state. All the tetrahalides are known except TaF,. These may be 
prepared: 


V+Cl,>VCl  NbX,orTax, со» МХ, 
H, Al, Nb or Ta 
V+HF- VF, 
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(a) tetrameric structure of NbF, and ТаЕ, 


(b) dimeric structure of NbCI, 


(d) structure of [Nb,Cl,,]?+ ion, showing the octahedral cluster of metal atoms bonded 
| together, and the twelve bridging chlorine atoms 


Fig. 6.3 
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Despite its d! configuration, which might be expected to cause distortion, VCI, 
is tetrahedral in the gas—though it is dimeric in the liquid. NbF, is a black, 
paramagnetic involatile solid made up of regular octahedra joined in a chain by 
their edges. The tetrachlorides, tetrabromides and tetraiodides of Nb and Ta 
are also brown-black solids which are diamagnetic. In NbI,, the structure is a 
chain of octahedra joined by their edges, but the Nb atoms are displaced from 
the centre of the NbI, octahedron and occur in pairs, thus permitting weak 
Nb-Nb bonds of length 3-20 A, thus pairing the previously unpaired electron 
spins (Fig. 6.3c). NbCI, is similar and has M—M bonds of length 3-06 A. 
The tetrahalides tend to disproportionate: 


2ygj, -®°—==“==“ш°, 2VCl,+Cl, (VCI, does not exist) 
600 °C 
Ур, — ——. VF, + VF, 


m 
2TaCl, — "C, тас, + Тасі, 


They also hydrolyse with water: 


но 
ус, —— УОС, 


5H,0 
4Ta' Cl, —> Ta, O, + 2Ташсі, + 10HCI 


(+III) and (+II) states. All the trihalides are known except for Tal,. They 
are reducing, have a d? configuration, and are brown or black in colour. The 
compounds VX, can be crystallized from water giving [VF,.(H,O),] and for 
the other halides [V(H,O),]** and 3 X- ions. VCI, forms complexes such as 
VCI. (NMej), which is a trigonal bipyramid, and VI, disproportionates: 


VI, + VI, + VI, 


The trihalides of Nb and Ta are typically nonstoichiometric. In NbCI, the Nb 
ions occupy octahedral holes in a distorted hexagonal close packed array of 
CI- ions in such a way that niobium atoms in three adjacent octahedra are 
close enough to be bonded together into a metal cluster. Compounds where 
three or more metal atoms are held together by multicentre bonding are called 
cluster compounds. 

All the vanadium dihalides are known, but the heavier elements only form 
NbBr, and NbI, which are not well characterized. The УХ, compounds are 
soluble in water giving violet solutions containing [У(Н,О) 12+, and addition of 
NaOH precipitates V(OH),, but the compounds are strongly reducing, and the 
solution is readily oxidized by air to [У(Н,О),]°+, and also by water with the 
liberation of H,. 

A number of more complex lower halides of unusual stoichiometry ar 
known for Nb and Ta, such as M,Cl,,, M,Bry Mgl,q, Nb,F,,, TacChs 
Та,Вг,; and Ta,Br,,, and are formed by reduction of the pentahalides with 
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sodium amalgam. If the Nb,Cl,, is dissolved in water and alcohol, two chlorine 
atoms are precipitated as AgCI by the addition of AgNO,. This indicates the 
presence of [Nb,CIl,;]7- ions, and the structure of this has been established by 
X-ray crystallography (Fig. 6.3d). The Nb atoms are bonded together forming 
an octahedral cluster of six metal atoms. The halogen atoms are each bonded 
to two Nb atoms forming bridges along the twelve edges of the octahedron. 
The structure is held together by both multicentre bonding over the six metal 
atoms and by the halogen bridges. Other related cluster compounds have an 
extra terminal (non-bridging) halogen atom attached to one or more of the 
metal atoms, and others have a charge of +3 or +4 on the ion. Cluster com- 
pounds of this type are characteristic of the lower oxidation states of Nb and 
та. 

A very unusual structure is found іп Nb,I,,, where the six Nb atoms form an 
octahedral cluster, and eight iodine atoms occupy the eight faces of the 
octahedron and act as bridging groups within the octahedron. Iodine atoms are 
bonded to the six corners of the metal octahedron, and act as bridges to other 
octahedra. 


Oxides 


The metals all react with oxygen at elevated temperatures and give pent- 
oxides М,О,, although vanadium can also give VO,. The oxides formed by 
vanadium are VO oxidation state (+1), V,O, (+Ш), VO,(+IV) and 
V,0,(+V). 

VO is nonstoichiometric, of composition VOp.94_1.12- The solid is ionic and 
has a NaCl type of structure. The (+II) state has a d? configuration, and the 
oxide is black and has a metallic lustre. It is made by reducing VO, with hyd- 
rogen at 1700 °C. It has a fairly high electrical conductivity, which is probably 
due to metal-metal bonding in the structure. The oxide is basic, and dissolves 
in acids forming violet coloured [V(H,O),]?* ions which are strongly reducing, 
and are very readily oxidized both by air and water. Some amine complexes 
such as [V(ethylenediamine),]Cl, are known. 

V,0, is nonstoichiometric: VO,.,, ,.. and the solid contains simple ions ar- 
ranged in the corundum Al,O, type of structure. It is produced by high tem- 
perature reduction of V,O, with carbon or hydrogen. The oxide is basic, and 
dissolves in acids giving [V(H,O),]*+. The oxidation state (+Ш) has a d? con- 
figuration, and the oxide is black and the hydrated ion is blue. A considerable 
number of octahedral complexes are known such as (У(Н,0),]°*, [VFjJ*7, 
[V(CN),P?- and [V(oxalate),]?-. In water, [V(H,O),]** partially hydrolyses to 
V(OH)?+ and VO*. 

VO, is stoichiometric. It has a 4! configuration and is dark blue in colour. It 
is obtained by mild reduction of V,O; by fusion with oxalic acid. The oxide is 
amphoteric, dissolving in both acids and bases. In strongly basic solutions, 
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various vanadate(IV) complex ions are formed. These have formerly been 
called vanadites, or hypovanadates. 


VO, NaOH > Na,VO, .—*9, Na,V,O, 


The oxides M,O, have a d? configuration, and might be expected to be 
colourless. Nb,O, and Та,О, are white, but V,O, is red-orange coloured 
because of defects in the solid state. | 


Vanadates and Vanadyl Compounds 


V,0, is amphoteric, but is mainly acidic. On dissolving in very strong 
NaOH, a colourless solution containing tetrahedral vanadate ions VO,” is ob- 
tained. As acid is added to lower the pH, the ions add protons and polymerize, 
forming a very large number of different oxy ions in solution. Dimers, trimers 
and pentamers are formed, and in increasingly acidic solutions, hydrated V;O; 
is precipitated. This dissolves in the presence of very strong acid forming more 
complex ions, until finally the dioxovanadium ion VO,* is formed. A number 
of solids have been crystallized out at different pH values, but these do not 
necessarily have the same structure, and are unlikely to be hydrated to the | 
same extent as the species in solution. The following scheme could explain the 
observations, though the extent to which the various species are hydrated is 
unknown. 


H12 HI | 
ivo- =, [voon 2%, (yo. оңр- 222, ivo = | 
colourless colourless colourless colourless 


-d Н 6-5 9 1 
[VO PSS уб, (ньо), 2922. [уо] “SS Ivo) 


* These species are included because solids of this formula have been precipitated. 


х,о, and Ta;O, are white and'chemically inert. They are hardly attacked 
by acids, except HF which forms fluoro complexes. If the pentoxides are fused 
with NaOH, niobates and tantalates are formed. These precipate the hydrated 
oxides at pH 7 and 10 respectively, and the only isopoly ion found in solution 
is [M,O,,]*-. 

In the main groups, the phosphates, silicates and borates, and in the d block 
molybdates and tungstates also show this strong tendency for the oxy ions to 
polymerize forming a very large number of isopolyacids. This tendency is 
shown to a lesser extent by (TiO?*), and CrO- > Cr;07-. \ 

Vanadate ions also form complexes with the ions of other acids. Because | 
there is more than one acid unit which condenses, these are called heteropoly- - 
acids. They always contain vanadate, molybdate or tungstate ions together 
with one or more acidic ion (such as phosphate, arsenate or silicate) from 
about forty elements. The ratio between the numbers of the different types of 
units is usually 12:1 or 6:1. A study of heteropoly acids is very difficu 
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because the molecular weight is frequently 3000 or more, and the water con- 
tent is variable. For further details, see ref. 23. 


Low Oxidation States 


Relatively few compounds are known. The (—I) state occurs with 
[M(CO),]- for all three elements, and the dipyridyl complex 
Li[V(dipyridyl),].ether. The zero-valent state occurs with [V(CO),]. This is 
monomeric although other transition metal carbonyls with an incomplete shell 
of electrons are dimeric. The (+1) state is found іп [V(dipyridyl),]*. 


Abundance, Extraction and Uses 


V, Nb and Ta have odd atomic numbers and are relatively rare elements. 
They are difficult to extract because of their high melting points and reactivity at 
high temperatures. Vanadium is seldom used on its own, but it is used in steel 
alloys. Normally an iron/vanadium alloy called ferrovanadium is prepared by 
a thermite reaction, and this can then be incorporated into steel alloys. Pure 
vanadium can be obtained by reducing УСІ, with Na or H, УСІ, with Mg 
(Kroll process) or by the Van Arkel method (pyrolysis of iodide). АП three 
metals can be obtained by electrolysis of molten fluoro complexes such as 
K,[NbF,]. Vanadium is an important catalyst in oxidation reactions such as 
naphthalene > phthalic acid, and toluene > benzaldehyde. V,O, is an impor- 
tant catalyst in the manufacture of SO, by the contact process. Niobium is 
used in chromium nickel stainless steel. Because it is unreactive, and is not re- 
jected by the human body, tantalum is used for making metal plates, screws 
and wire for repairing badly fractured bones. 


Chromium Group (Table 6.11) 


TABLE 6.11 
Element Electronic structure Oxidation states* 
Chromium Cr [Arf 3454! —II —I 0(DII Ш IV(V) VI 
Molybdenum Mo [Kr] 44 55! -II OLILIIL IV V VI 
Tungsten WwW [Xe] 4f*5d‘ 652 —П OLIILII IV V VI 


* See p. 154. 


Oxidation States 


The ground state electronic configuration for Cr and Mo is d5s!, with a 
stable half-filled d5 configuration, whilst W has a d*s? arrangement. 

From the electronic structures, Cr and Mo might be expected to have oxi- 
dation states from (+I) to (4 VD, and W from (+) to (VI) inclusive. They 
form these states, and in addition some lower states occur as dipyridyl com- 
plexes, carbonyl complexes and carbonyl ions. For Cr the (+П), (+Ш) and 
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(+V) states are well known: Сг(+П) is reducing, Сг(+Ш) is the most stable 
and important and Cr(-- VI) is strongly oxidizing. Cr(+V) is rare and unstable, 
and occurs only as CrF, and the peroxide [Cr(O—O),]*~. The. most important 
states for Mo and W are (+V) and (4 VI). Unlike Cr, the (+VI) state of Mo 
and W is stable, and the (+Ш) state is strongly reducing. This fits the usual 
trend that on descending a group the higher oxidation states become more 
stable and the lower states become less stable. A list of known oxides and 
halides is given in Table 6.4. 

The zero oxidation state arises in metal carbonyls such as Cr(CO), 
Mo(CO), and W(CO),, where the c bonding electrons are donated by the со 
group, and dz-pz backbonding occurs from the filled metal orbitals. These car- 
bonyl compounds may be sublimed under reduced pressure, and are soluble in 
organic solvents. The oxidation state (+I) expected for the atoms with a @%! 
configuration is very uncommon, but trisdipyridyl chromium (1) perchlorate, 
[Cr(dipyridyl),]*ClO,-, is known. It is doubtful if Cr+ exists except when 
stabilized in a complex. Mo and W form sandwich-type structures such as 
(C,H4),Mo* and C,H,MoC,H, where the metal is in the (+I) state. Chromous 
compounds Сг?* are ionic and are well known. They are one of the strongest 
reducing agents known in aqueous solutions, and are oxidized by air to Cr^*. 
The (+) valency state may be stabilized by forming coordination compounds. 
Chromic compounds Cr?* are the most important and most stable compounds 
of chromium. They also occur prolifically in coordination complexes. Although 
this oxidation state is very stable in acidic solution, it is easily oxidized to 
Cr(+VI) in alkaline solution. Cr( VI) compounds are very strong oxidizing 
agents and include chromates and dichromates. 


Reduction Potentials 
Acid solution 
n +V +V ни +11 0 
cup cR ыс уыш en Ol —091 щй 
—0-74 
+0:30 
0-4 Я 
H,Mo0,—— —Mo0;* o Моз+ Бо Мо 
0:0 
0:03 0-04 -0. * -0. 
WO, WO; WO, 18 2 Mi 
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Basic solution 
Oxidation state 
-I А +V +111 Ht [*] 
А 0.13 eii 174 
Cro м_ јат Сг 
—1-3 
1124 * 20> 
Moo- cfi p 1. 
—1.05 


уо, ear ew 
* = Disproportionates 


Many of these potentials have been calculated from thermodynamic data, 
and the existence of species such as Mo?*, W?* and W,O, is questionable. 


General Properties 


The metals are hard and have very high melting points and low volatility 
(Table 6.12). Tungsten is the element with the next highest melting point to 
carbon. 

Chromium is unreactive or passive at low temperatures because it is protec- 
ted by a surface coating of oxide, thus resembling the behaviour of titanium 
and vanadium. It is because of this passive behaviour that chromium is exten- 
sively used for electroplating onto iron and other metals to prevent corrosion. 
It does dissolve іп HCl and H,SO,, but not in HNO, or aqua regia, which pas- 
sivate the metal. Molybdenum and tungsten are relatively inert, and are only 
slightly attacked by aqueous acids and alkalis. Mo reacts initially with НМО,, 
but then becomes passive. Both Mo and W dissolve in HNO,/HF mixtures, 
and.also in fused Na,O, and fused KNO,/NaOH. Cr reacts with НСІ gas for- 
ming CrCl, and hydrogen. 

The metals do not react with oxygen at normal temperatures (apart from the 
surface coating) but on strong heating Cr forms Сг,О,, whilst Mo and W form 
MO,. Similarly on heating Cr with the halogens, halides CrX, are formed. Mo 
and W form MCI, on heating with chlorine and MF, is formed at room tem- 
perature. 


TABLE 6.12 
Symbol Melting point Abundance in earth’s crust Covalent radius ~ 
2G p.p.m. А 
Сг 1875 200 1-17 
Мо 2610 15 1-29 
Ww 3410 70 1-30 


——— ЕОР ЕЕ аЬ 
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As а result of the lanthanide contraction, there is a close similarity in the size 
and the properties of Mo and W. The difference between these two elements is 
greater than in the titanium and vanadium groups between Zr and Hf and be- 
tween Nb and Ta. Thus Mo and W can be easily separated in the conventional 
scheme for qualitative analysis of metals, since WO,(H,O), is precipitated with 
the insoluble chlorides in Group 1, and molybdates are reduced by H,S pre- 
cipitating MoS, and S in Group 2. Molybdenum is necessary in trace amounts 
in the diet, and it is present in the catalysts in the nitrogen-fixing bacteria. 


Halides 


Anhydrous Cr(+II) halides can be made either by reducing the trihalides 
with hydrogen at 500 °C, or from the metal and HF, HCl, HBr or I, at 
600 °C. The dihalides are all readily oxidized in air to the (+III) state unless 
protected by an inert atmosphere. CrCl, is the most important, and it dissolves 
in water giving the sky-blue-coloured [Cr(H,O),]?* ion, and is the strongest 
reducing agent that exists in water. It is used to remove the last trace of oxygen 
from nitrogen, and has other uses as a reducing agent. Chromium(II) acetate 
Cr,(CH,COO), .2Н,0 is one of the most stable chromous compounds. It is à 
red solid which is easily prepared from Cr?* and sodium acetate. it has an un- 


usual structure (Fig. 6.4) with four acetate groups bridging between the two Cr | 


atoms, and a strong metal to metal bond indicated by the very short distance of 
2.36 À, and the diamagnetism of the compound. 


The (+П) halides of Mo and W do not have simple formulae, and do not 


exist as simple ions. MoBr, is really [Mo,Br,]Br,.2H,O. These dihalides arè | 


based on an IM, ,X,1^* unit, with six electron donors added. The structure of the 
[M,X,]** unit is an octahedral cluster of six metal atoms, with eight bridging 


halogen atoms occupying the eight triangular faces of the octahedron (Fig. 
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CH 
Fig.64 Structure of Cr(CH,COO),.2H,0. 
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Fig.6.5 Structure of [Mo,Br,|** ion showing the octahedral M, metal cluster. 


6.5). The six electron donors form coordinate bonds to the metal atoms at the 
corners of the octahedron. Despite the low oxidation state, МоС1, is not reduc- 
ing, though WCL, is reducing in solution. к 

Сг(+Ш) is the most important and stable state, related to the high crystal 
field stabilization energy from its d? electronic configuration. All the anhydrous 
Mx, halides are known, and in aqueous solution give violet [Cr(H,0),|** ions, 
and a number of other species such as [Cr(H;O),CII?*, [Cr(H;O),CL]* and 
[Cr(H,O),Cl]. CrCl, is a solid which forms red-violet flakes. This is related to 
the layer lattice structure of the solid. The chloride ions are cubic close-packed, 
and to maintain stoichiometry one third of the octahedral holes must be oc- 
cupied by Cr+ ions. Two thirds of the holes are occupied in one layer, and 
none in the next layer, and consequently only weak van der Waals forces hold 
some chloride layers together. CrCl, is not very soluble in water unless Cr?* 
ions are present. A Cr?* ion in solution gives an electron to a Сг?? in the solid, 
forming Cr?* in solution. The Cr?* ion on the surface of the solid then dis- 
solves. Cr?* ions form an enormous number and variety of octahedral com- 
plexes including the aquo and halogen complexes mentioned above, ammines 
[Cr(NH,),]3+, oxalate [Cr(oxalate);-, cyanide and thiocyanate complexes. 
Reinecke’s salt NH,{Cr(NH,),(NCS),]H,0 is often used to precipitate large 
Positive ions, since two large ions give a high coordination number and 
increase the lattice energy. 

Мо(+Ш) and W (III) do not exist as simple ions. Мо(+Ш) compounds are 
fairly stable, but slowly oxidize in air and slowly hydrolyse in water. With 
halide ions in solution, octahedral complexes like [MoCI,]*~ are formed. Two 
solid forms of MoCl, are known, one with cubic close packing of chlorine 
atoms, the other based on hexagonal close packing. In both forms the Mo 
atoms are displaced from the centres of adjacent octahedra, and form metal- 
metal bonds of length 2-76 A. In contrast У/(+Ш) compounds are unstable. 
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WCI, is really W,Cl,, and forms a cluster compound [W,Cl,,]* s 
like [Nb,Cl,,]?+ (Fig. 6.34). W,Br,, also forms a cluster compound, 
structure contains [W,Br,]** and has the same structure as [Mo,Br,]** 
6.5). 

CrF, and CrF, are made by heating the elements at 350 °C and 500 °C1 
pectively, and CrF, is made by heating under pressure іп a bomb. MoCl, exi 
in two forms, one like NbCI, (Fig. 6.3c) comprising chains of octahedra, w 
the metal atoms displaced in pairs forming metal-metal bonds, and the o 
form without metal-metal bonds. MoF, has a tetrameric structure of four oc 
hedra joined into a ring, like МЕ, and TaF, (Fig. 6.3а). MoCl, is mo 
meric in solution, but dimerizes to Mo,Cl,, in the solid. This is paramagneti 
= 1-6 BM, indicating that there is no metal-metal bonding. The fluorides М 
and WF, are volatile and easily hydrolysed. They are diamagnetic é 
colourless as expected for а d? configuration. However, УСІ, is black : 
WBr, is dark blue. 


Oxides 
The main oxides are 


(III) (+IV) (+V) (- VD 


Сг,0, CrO, CrO, 
MoO, Mo;O, MoO, 
WO, WO, 


Cr;0, is a green solid with a corundum structure. It is formed by : 
the metal іп air, by heating CrO, ог by heating ammonium dichrom 
(NH,),Cr,0, in the well known volcano experiment used in some fireworks 


(NH,),Cr,0, > N, + 4Н,0 + CrO, 


The addition of NaOH to Cr?* solutions precipitates the hydrated oxide ло i t 


hydroxide. 


The oxide becomes inert to acids and bases if heated strongly, but otherwis 
amphoteric, giving [Cr(H,O),]?* with acids, and ‘chromites’ with concentra 
alkali. The oxide is commercially important in the extraction of chromium, i 
pigment in paint, rubber and cement, and as a catalyst for a wide variety € 
reactions including the manufacture of polythene and butadiene. À 

CrO, is made from CrO, by hydrothermal reduction, and has an undistorté 
rutile (TiO,) structure. MoO, and WO, are both made by reducing the ti 
with hydrogen. They are brown-violet in colour and are insoluble in 
oxidizing acids, but dissolve in concentrated HNO, forming MoO, or 


Cr3*+ OH 


Cr,03(H20), 
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The dioxides have a copper-like lustre and have distorted rutile structures with 
strong metal-metal bonds. 

CrO, is a bright orange solid. The colour arises from charge transfer as 
Cr(+VI) has a d? configuration. The oxide is prepared by adding H,SO, to 
sodium dichromate Na,Cr,O,, and its structure is chains of fused tetrahedra. 
CrO, is toxic, dissolves readily in water, and is both a very strong acid and an 
oxidizing agent. It is widely used for chromium plating, and dissolved in acetic 
acid as an oxidant in organic chemistry, though reactions may be explosive. 
MoO, and WO, are formed by heating the metal in air. MoO, is white as ex- 
pected for d°, but on heating it turns yellow due to the formation of defects in 
the solid. The structure is a layer lattice. WO, is lemon yellow in colour, and 
has a slightly distorted rhenium trioxide ReO, structure (Fig. 6.13). 

A number of mixed oxides can be made by fusing MoO, or WO, with 
Group I or II oxides. These comprise chains or rings of MoO, or WO, octa- 
hedra. Moist WO, turns slightly blue on exposure to uv light, and mild reduc- 
tion of aqueous suspensions of MoO, and WO, or acidic solutions of molyb- 
dates or tungstates also gives a blue colour. The ‘blue oxides’ so produced are 
thought to have Mo or W in oxidation states of (+VI) and (+V), and contain 
some OH- instead of O?- to balance the charges. 


Chromates, Molybdates and Tungstates 


The oxides CrO,, MoO, and WO, are strongly acidic, and dissolve in 
aqueous NaOH forming discrete tetrahedral chromate CrO,?, molybdate 
Mo0,?- and tungstate WO,?- ions. 


CrO, + 2NaOH > 2Na* + CrO,” + H,O 


These compounds exist both in solution and as solids, but chromates are 
strong oxidizing agents. Molybdates and tungstates can be reduced (for ex- 
ample the blue oxides) but lack strong oxidizing properties. 

On acidifying, chromates form dichromates in which two tetrahedral units 
join together (Fig. 6.6). There are some suggestions that trichromates and 
tetrachromates could also be formed, but the dichromate ion exists in strongly 


chromate dichromate 


Fig. 6.6 
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acidic solutions. In very concentrated acid, CrO, is precipitated. 


cro === Cr,0,?- 

yellow orange 
Na,Cr,O, is the most important chromium compound, and is produced in the 
extraction of chromium. It is used in the chrome tanning of leather and various 
lead chromes, for ‘anodizing’ aluminium, and as an oxidizing agent. 

When molybdate and tungstate solutions are acidified they condense and 
give many different polymolybdates and polytungstates. When the solution has 
a pH below 1 the hydrated oxides MoO,.2H,O which is yellow and 
WO, .2H,0 which is white are precipitated. The formation of polyacids by Mo 
and W is a prominent feature of their chemistry. (Other elements including V, 
Nb, Ta and U also form polyacids, but to a lesser extent.) All the polyanions 
contain MoO, or WO, octahedra which are joined together in a variety of 
ways by sharing corners or edges, but not faces. The polyacids of Mo and W 
are divided into two main types: 


(1) Isopolyacids, where the anions which condense together are all of the 
same type—for example all MoO, groups or WO, groups. 

(2) Heteropolyacids, where two or more different types of anion condense 
together—for example molybdate or tungstate groups with phosphate, 
silicate or borate groups. 


The isopolyacids of Mo and W are not completely understood, and are very 
difficult to study because the extent of hydration and protonation of the various 
species in solution is not known and the fact that a solid can be crystallized 


structure of paramolybdate ion structure of octamolybdate ion 

[Mo;O,,]*- [Mo,O.,I*- (note that the eighth 
MoO, octahedron is hidden be- 
hind the seven octahedra 
shown) 


Fig.6.7 (This and Fig. 6.8 are from Modern Aspects of Inorganic Chemistry, 
Eméleus and Sharpe, Routledge and Kegan Paul, 4th edition, 1973.) 
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from solution does not prove that the ion has that structure or even exists in 
solution. The first step in polyacid formation as the pH is lowered must be to 
increase the coordination number of Mo or W from four to six by adding water 
molecules. The relation between the stable species so far known is: 


[Mo0,]- pH =6 Mo,O,,]*- pH =1-5-2.9 
poma paramolybdate 
molybdate H <1 
[Mo,O,]^- -=< Mo0,.2H,0 
octamolybdate hydrated oxide 


The structures of the paramolybdate and octamolybdate ions have been con- 
firmed by X-ray crystallographic studies of their crystalline salts (Fig. 6.7). 
The present understanding of the tungstates may be summarized: 


pH 6—7 fast slow 1,0, 
[wo,}- Sor (НӨЛ; ог 
ü j- 
normal tungstate paratungstate A [W ,20;6(0H);o] js 
paratungstate В 
pH-3.3 | ne 
[H,W,O,]- == —(H,W,04*7 
y-metatungstate metatungstate 
| pH<1 
WO,.2H;0 


Heteropoly ions are formed if a molybdate or tungstate solution is acidified 
in the presence of phosphate, silicate or metal ions. The second anion provides 
a centre round which the MoO, or WO, octahedra condense, by sharing oxy- 


.gen atoms with other octahedra and with the central group. The central groups 


are often oxyanions such as PO ^7, SiO,*-, BO ^^, but other elements including 
Al, Ge, Sn, As, Sb, Se, Te, I and many of the transition elements will serve as 
the second group. The ratio of MoO, or WO, octahedra to P, Si, B or other 
central atom is usually 12:1, 9: 1 or 6:1, although other ratios occur less com- 
monly. А well known example of heteropolyacid formation is the test for 
phosphates. A phosphate solution is warmed with ammonium molybdate and 
nitric acid, and a yellow precipitate of ammonium. phosphomolybdate 
(NH,),[PO,.Mo,,0,,] is formed. 

The structures of a number of heteropolyacids have been established. In the 
12-heteropolyacids, for example 12-phosphotungstic acid, twelve WO, 
octahedra surround a PO, tetrahedron. This ion may be considered as four 
groups of three WO, octahedra (Fig. 6.8). The 6-heteropolyacids accommod- 
ate larger central atoms, which have a coordination number of six. The ar- 
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Fig. 6.8 12-polyacid, e.g. H,[PO,.W,,0,,]. 


Fig. 6.9 6-polyacid, e.g. K,[TeMo,O,,] (from Modern Aspects of Inorganic, 
Chemistry, Emeléus and Sharpe, Routledge and Kegan Paul, 4th edition, 1973). 


rangement of six MoO, octahedra as shown in Fig. 6.9 leaves a central cavity 
large enough to accept the octahedron from the hetero atom, and has been 
found in K,[TeMo,0,,]. A good description of iso- and heteropoly acids is 
given in ref. 1. 


Tungsten Bronzes 


Alkali metal tungstates are reduced by heating with hydrogen or tungsten 
and give blue, purple, red or yellow tungsten bronzes. These are semi-metallic, 
have a lustre and conduct electricity, but are very inert. Their formula is 
M,WO,, where M is Na or К and x is always less than one. This produces а 
defective lattice and some of the sites which should be occupied by alkali 
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metals are vacant. It might be thought that for each Na* removed from 
NaWO,, one tungsten would change from W(+V) to W(+VI). The properties 
of the tungsten bronzes are better explained by assuming that all the tungsten 
atoms are in the (+ VI) state. The valency electrons from the alkali metals are 
free to move throughout the lattice as in a metal; hence the electrical conduc- 
tivity. Lithium also forms bronzes, but these do not conduct electricity. 


Oxyhalides 


Oxyhalides of the type МО,СІ, may be formed by dissolving the trioxide in 
strong acid, or in some cases by the action of strong acids on salts such as 
dichromates, or by direct addition of the halogens to the dioxide. 

CrO, + 2HCI ыы CrO,Cl, + H,O 

K,Cr,0, +6НС1 292. Cr0,Cl, + 2KCI + 3H,0 
Chromyl chloride СгО,СІ, is а deep red liquid and its formation is used in 
qualitative analysis to confirm the presence of chloride ions. Chromyl and 
molybdenyl chlorides are covalent acid chlorides and are readily decomposed 
by water. Tungstenyl chloride hydrolyses less readily. 

A number of double salts are known, such as chrome alum 
K,SO,.Cr(SO;).24H;O, which crystallizes from mixed solutions of 
Cr,(SO,), and K,SO,. In solution, mixed salts dissociate completely into 
simple ions. 


Extraction and Uses 


The elements have even atomic numbers, and are relatively abundant. 
Chromium occurs as the ore chromite FeCr;O,. Chromium is used in many 
ferrous alloys, including stainless steel, and for these purposes, ferrochromium 
(an alloy containing Fe, Cr and C) is produced. 


electric 
furnace 


This is then added to other alloys as required. When pure chromium is needed 
chromite is heated strongly with Na,CO, and oxidized 


FeCr,0,+C Fe + 2Cr + 4CO 


ec 
FeCr!!O, + Ма,СО,+О, 190°. ма [Сг"0,] + Ес,0, + CO, 


The chromate is removed by dissolving in water, acidified to give the dichrom- 
ate, then precipitated and reduced with carbon. 


2C 
Na,Cr,0, —— Сг,0, + Na,CO, + CO 
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The Cr;O, is reduced with Al 


l 
GEO Er CE 


The commercial uses of Na,Cr,0,, CrO, and Cr,0, have been mentioned | 


previously. 


Molybdenum occurs as molybdenite MoS,, which is converted to MoO, and | 


then reduced with hydrogen. Tungsten occurs in the form of tungstates, the 
most common being wolframite FeWO,.MnWO,. 

Tungsten is extracted from its ores by fusion with sodium carbonate. The 
sodium tungstate is leached out and converted first to the hydrated oxide by 
acidification and then to the anhydrous oxide by heating. Tungsten is obtained 
by reduction with hydrogen. 


Molybdenum and tungsten alloyed with steel make very hard alloys, which | 


are used to make ‘cutting steel’ and machine tools. Molybdenum disulphide 
MoS, has a layer lattice and is an excellent lubricant. 


Manganese Group (Table 6.13) 


TABLE 6.13 
LPS eee ee eS a c RM 
Element Electronic structure _. Oxidation states* 
Manganese Mn [Ar] 3245? -n-rorm m Iv v VI VI 
Technetium Tc [Kr] 44 5s? 0 II (П) IV (V) (У) VII 
Rhenium Re [Xe] 4f'*54d* 6s? -101H m iv V VI Vi 


Кл ! conci wEN ыштет у ш 
* See р. 154. 


Oxidation States 


The electronic structure for this group of elements is d5s?, and suggests à 
maximum oxidation state of (+ VII). Manganese shows the widest range of oxi- 
dation states of all the elements, ranging from (—III) to (+ VII). The (+1) state 
is the most stable and common and Mn** ions exist in the solid, in solution and 
as complexes. However, in alkaline solution Mn?” is readily oxidized to MnO; 


The (IV) state is found in the main ore pyrulsite MnO,. Mn(^ VII) is well | 


known as KMnO,, which is one of the strongest oxidizing agents known in 
solution. Mn(+III) and Mn(-- VI) tend to disproportionate, and the lower oxi- 
dation states exist as carbonyl compounds or substituted carbonyl complexes. 

In contrast to the highly oxidizing properties of Mn(VII), the (+VII) state 
for Tc and Re is the most common and stable, and shows only slight oxidizing 
properties. The (4 VI) state tends to disproportionate and is not well known. 
The (+V) and (IV) states for Tc and Re have an extensive chemistry. Ке(Ш) 
is also stable and the halides form metal-metal bonds. The (--II) and lower oxi- 
dation states are uncommon and are strongly reducing. - 
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Thus on descending the group there is an increase in stability of the highest 
oxidation state and also a decrease in stability of the lower states. The stability 
of the various states is shown by the list of halides and oxides formed (Table 
6.4) and the tendency to disproportionate is shown in the reduction potentials. 


Reduction Potentials 


Oxidation state 


Acid solution 


+VII +VI +V +11 +11 0 
:56 Ы 2.26 0-95 x 1-51 18 
mno LS o ent! Mn?* Mn?* Mn 
|}! 1-70 | 1-23 | 
1-51 
Basic solution 
0-65 " 0-83 0-28 
TcO,- (TcO,} TcO, Tc 
0.74 
0.48 
0.89 0.45 * 0-33 
ReO,- ВеО; ВеО, Ве,О; Ве 
Il dem 
0-76 
0-58 


* Disproportionates 
(potentials involving TcO; are calculated values) 


General Properties 


Manganese is the tenth most abundant element (1000 p.p.m.) in the earth’s 
crust, where it is found mainly as MnO,. Technetium does not occur in nature, 
and was the first man-made element. All its isotopes are radioactive, and its 
chemistry has only recently been studied. "Tc and **Tc can be made by 
neutron bombardment of Mo, but ??Tc is one of the fission products of 
uranium, and occurs in spent fuel rods from nuclear reactors. Rhenium is a 
very rare element, and is found as traces in ores of molybdenum. 

Many ionic compounds of Mn are known, but Tc and Re have virtually no 
aqueous ionic chemistry apart from the oxo ions TcO, and ReO, . The ele- 
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ments Тс and Re have a marked tendency to form metal-metal bonds, par- 
ticularly in the lower oxidation states up to (+IV). 

Trace amounts of manganese are essential for plant and animal growth, and 
for this reason small amounts of MnSO, are often added to fertilizers. 

The basic character of any element diminishes with increased oxidation 
state. MnO and Мп,О, are basic oxides and are ionic. MnO, is amphoteric and 
does not exist as Mn** ions. Mn(+V) is rather uncommon, but Мп(+ УІ) is 
represented by manganates such as Na,[MnO,l. This may be regarded as a 
salt of the unstable acidic oxide MnO,, which does not exist in the free state. 
Mn(- VII) occurs as Mn,O, which is strongly acidic, the corresponding acid, 
permanganic acid HMnO, being one of the strongest acids known. 

Almost all manganese compounds are coloured. Mn?* is pale pink, and 
MnO, is black, both because of d-d spectra. The (+VII) oxidation state has a 
d? configuration and would be expected to be colourless. Whilst perrhenates 
Re(VII) are colourless, permanganates containing Mn(VII) are intensely 
coloured because of charge transfer spectra. 

From the position of technetium in the periodic table, it would be expected 
that its chemical properties would be intermediate between those of manganese 
and rhenium, but should resemble rhenium more closely than manganese, 
because of the lanthanide contraction. The absence of technetium on the earth 
might be expected because Mattauch's rule states that if two elements with con- 
Secutive atomic numbers have an isotope of the same mass number, the iso- 
topes are never both stable. Technetium is element 43 and the stable isotopes of 
element 42 (molybdenum) and 44 (ruthenium) are: 


42 Mo stable isotopes 92, 94, 95,96,97,98, 100 
43 Tc 


44 Ru 96, 98,99, 100, 101, 102, 104. 


Technetium could only have a mass number of 93 or 103 and these are too 
high or too low to be stable. 

Manganese resembles iron in its physical and chemical properties. It is har- 
der and more brittle than iron, but melts at a lower temperature (m.pt. Mn — 
1245 °С; Fe = 1537 °С). All three metals are usually obtained as grey pow- 
ders, but in the massive form they look like platinum. Rhenium has the second 
highest melting point of all the metals (W = 3410 °С; Re = 3180 °С). Man- 
ganese is quite electropositive and dissolves in cold dilute non-oxidizing acids. 
It is not very reactive towards nonmetals at тоот temperature, but reacts 
readily on heating. 
= Manganese is much more reactive than thenium, in the same way as, in ad- 
jacent groups, chromium is more reactive than tungsten, and iron more reac- 
tive than osmium. This decrease in electropositive character is opposite to the 
trend shown in the main groups of the periodic table. In addition, rhenium 
tends to attain a higher oxidation state than manganese when they both react 
with the same element. A comparison of some of the reactions of manganese 
and rhenium is given in Table 6.14. 
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TABLE 6.14 

Reagent Mn Re 
N, Mn,N, formed at 1200 °C No reaction 
C Mn,C No reaction 
H,O Mn** + H, No reaction 
Dilute acid Мп2+ + Н, No reaction 
Strong acid Mn*++H, Dissolves slowly 
Halogens MnX, and MnF, ReF,, ReCl,, ReBr, 
S MnS ReS, 
O, Mn,0, Ве,0, 


The oxide Мп,О, is a mixed oxide, Мп!О.Мп,!"О,, rather like Fe,0,. 

The manganese group have seven outer electrons, but the relationship to 
Group VII elements, the halogens, is very slight except in the highest oxidation 
state. Mn,O, and Cl,0, may be compared; MnO, and CIO, are iso- 
morphous and have similar solubilities, and IO," and ReO, are quite similar. 
There are much closer similarities between manganese and its horizontal 
neighbours chromium and iron. The chromates CrO,?-, manganates MnO,’ 
and ferrates ЕеО,2- are similar, and the solubilities of the lower oxides are 
similar; hence the occurrence of iron and manganese together. 


Lower Oxidation States 
The zero-valent state exists as the carbonyls [Mn,(CO),o] and [Re,(CO),9] 
and as a coordination complex K,{Mn(CN),].2NH, which is unstable and 


highly reducing. 
Mn(+I) and Re(+I) are only obtained with difficulty and аге strongly 


reducing. 


KjMn'(cN)] 9199499, кмс) 
[Re(co), CEPR, »me(co)cil 


(+П) State 


Hydrated Мп?* ions are pink and are formed by dissolving the metal in acid, 
or by reducing higher oxidation states. Mn?* has an electronic configuration 
3d5 which corresponds to a half-filled d shell. Thus Mn?* is more stable than 
other divalent ions and is more difficult to oxidize than Cr?+ or Fe?*. Most 
Mn(II) complexes are octahedral, and have a high spin arrangement with five 
unpaired electrons (Fig. 6.103). Even though the crystal field stabilization 
energy (see Chapter 8) is zero, this is a stable arrangement and complexes 
such as [Mn(H,0),J?+, [Mn(NH,)]?+, [Mn(ethylenediamine),* and 
[Mn(oxalate),]^- are attacked only by strong oxidizing or reducing agents. 
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(a) high spin d* arrangement (b) low spin d* arrangement 
(spin free) (spin paired) 
(weak ligands) (strong ligands) 


Fig. 6.10 High and low spin arrangements in an octahedral crystal field. 


Further, these complexes all have very pale colours. This is because a d-d 
transition in a high spin d* complex involves not only promoting an electron 
from the /,, level to the e, level, but also reversing its spin. Such transitions are 
termed ‘spin forbidden’, because the probability of such a transition is low, 
hence the colour is about one hundredth as strong as is observed in most nor- 
mal ‘spin allowed’ transitions. Details of crystal field splitting of the d levels are 
given in Chapter 8. A few strong ligands form complexes where the electrons are 
spin paired. Thus [Mn(CN),]* and [Mn(CN),.NOJ?- have a spin paired or 
low spin arrangement with only one unpaired electron. This is a slightly more 
stable arrangement than the high spin case, for though there are five lots of 
crystal field stabilization energy from filling the low energy I, orbitals, this is 
partly cancelled out by the energy needed to pair the electron spins. The low 
spin complexes are more reactive and can be oxidized very readily since 
removing an electron increases the crystal field stabilization energy. They can 


also be reduced fairly readily, and adding an electron fills the orbitals 
symmetrically. 


Zn 


[Mn (CN) «—==— MCN- сс [Mn"™(CN),}?- 


In low spin 45 complexes, d-d electronic transitions are ‘spin permitted’ and the 
compounds are quite strongly coloured. 

A few examples of square planar complexes are known, including Mn 
phthalocyanine and MnSO,.5H,O which contains square planar [Mn- 
(H,0),|?* units. The halide complexes (MnCl,]?-, [MnBr,]?- and [MnI,]?- are 
tetrahedral, but in solution they add two molecules of water or other solvent 
and form an octahedral complex. Re(+II) is not ionic, and Re(pyridine),Cl, 


has been resolved into cis and trans isomers, which indicate that it is square 
planar rather than tetrahedral. 
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(+Ш) State 


Mn?* is a weak oxidizing agent and is much less stable than Mn?* (which 
has enhanced stability due to the 2 configuration). A small number of Mn?* 
salts are known, e.g. MnF,, Mn;(SO,), and the oxide Mn;O;. These dispropor- 
tionate in acid and hydrolyse in water. 


Mn?* реза Мп2+ + Мп", 
Mn*+ + 29,0 > MnjO, + 4H* 


Мп(+Ш) can exist only in aqueous solution as part of a complex, such as 
[MnCl,- and [Mn(CN),]*-. [Mn(oxalate),P- is thermally unstable and 
decomposes at about 60 °С, which explains why permanganate/oxalate titra- 
tions are performed hot. Mn,O, is a mixed oxide (Мппо.Мп,"0О,), and is the 
most stable oxide at high temperatures. 

Manganese forms an unusual basic acetate [Mn,O(CH,COO),]*. 
[CH,.COO]- when Mn? is oxidized with KMnO, in glacial acetic acid. The 
compound is a deep-red-coloured solid, and is used as the starting material for 
many Mn(III) compounds. The structure consists of a triangle of three Mn 
atoms with an O atom at the centre. The six acetate groups act as bridges be- 
tween the Mn atoms—two groups across each edge of the triangle. A similar 
preparation in sulphuric acid gives an intensely red-coloured solution thought 
to contain a very similar sulphate complex with SO,?- groups acting as bridg- 
ing groups. This solution is as strongly oxidizing as KMnO,. 

Tc(III) is unstable but Re,O,.(H,O), and the heavier halides are known. 
The halides are trimeric and (ReCl,), and (ReBr;), are dark red solids and 
(Rel,), is black. Their structure consists of a metal atom cluster in which three 
Re atoms form an equilateral triangle (with formal double bonds between the 
metal atoms). Three halogen atoms act as bridging groups along the edges of 
the triangle, and the remaining six halogen atoms are coordinated to the Re. 
An isolated Re,X, unit is shown in Fig. 6.1la. There is one unfilled 
coordination position on each Re atom, marked L, and in the solid this is filled 
by further halogen bridging with other Re,X, units. (Fig. 6.11b). This trimeric 
structure is very stable, with Re-Re distances of 2-48 A, and this structure 
remains even in the gas at 600 °C. This structure also forms the basis, of the 
structure of many Re(III) complexes, where three additional groups L are 
added to the isolated Re,X, unit (Fig. 6.1 Ic). " 

The simplest explanation of the double bonds between Re atoms is that each 
Re has nine atomic orbitals available for bonding (five d, one 5, and three p). 
The metal is surrounded by five ligands, leaving four unused orbitals. Assum- 
ing the unused orbitals are pure d or mainly d in character, there are twelve 
atomic orbitals for Re-Re bonding. If these are delocalized over the three 
atoms there will be six bonding MO's and six antibonding MO's. Each Re(III) 


(a) isolated Re,X, unit 


(b) Re,X, solid showing 
halogen bridging 
in between units 


(c) Re,X, with three 
ligands L added 


Fig.6.11 Various Re,X, structures. 
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has а d* configuration, hence the twelve electrons can enter the six bonding 
MO’s, corresponding to double bonds between each of the three Re atoms. 
Since all the electrons are paired, the clusters should be diamagnetic, and this 
has been found experimentally. 

If Re,Cl, or Re,Br, is dissolved in concentrated НСІ or HBr, halide com- 
plexes such as K,*[Re,Br,,]*-, K,*[Re,Br,,]?- or K*[Re;Br;j]- can be ob- 
tained from solution, by the addition of three, two or one halide ion to the iso- 
lated Re,X, unit. It is also possible to obtain [Re,X,.3H,O]. The lability of the 
various attached groups has been shown to be greatest for the extra ligands L; 
and least for the bridging groups. 


Fig. 6.12 Structure of [Re,Cl,]?~ ion. 


A different type of halide complex is formed when perrhenates are reduced 
by hydrogen in acid solution. These contain a dimeric unit [Re,Cl,]?~ or 
[Re,Br,]?-, made up of two approximately square planar ReX, units linked by 
a Re-Re bond of length 2.24 À (Fig. 6.12). 

The metal-metal bond length is very short, and is interpreted as a quadruple 
bond. If the Re-Re bond points along the z axis, the square planar ReX, unit is 
bonded with the s, p,, p, and d,_y orbitals. A g bond between the two Re 
atoms will have contributions from the p, and d, orbitals which lie along the 
axis. With the eclipsed conformation the d,, and d,, orbitals on the two Re 
atoms overlap sideways forming two z bonds. Finally the d,, orbitals which lie 
in the ReX, planes overlap with each other giving a ô bond. 


(IV) State 


The chemistry of Mn(IV) is very limited. The only compounds known are 
MnO, and МпЕ,. Black MnO, is well known, and is precipitated from solution 
when performing permanganate titrations in alkaline solution, or when oxidiz- 
ing Mn”. It is used as a catalyst in the preparation of oxygen from KCIO, 
because of its ability to form intermediate compounds. MnO, is very insoluble, 
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but it dissolves with reduction in HCl, liberating chlorine. 


: MnO, + 4HCI > MnCl, + Cl, + 2H,0 


This reaction is often used to produce chlorine in the laboratory. If MnO, is 
fused with NaOH, a dark green compound, sodium manganate, №а,[МпоО, | is 
formed which contains Mn(VI) and is oxidizing. 

The complexes [MnCI,]?- and [MnF ,]?- are also known. 

MnO, is used in the production of potassium permanganate, in ‘dry bat- 
teries’ (Leclanche cells), and is also used as an oxidizing agent in organic 
chemistry: 


С,Н,.СН, + 2MnO, + 2H,SO, > C,H,.CHO + 2Mn,SO, + 3H,0 


toluene benzaldehyde 
о 
2C,H,.NH, + 4MnO, + 5H,SO, ^ + (NH,),SO, + 4MnSO, + 4H;O 
aniline 
о 


quinhydrone 


The (+IV) state is the second most stable state for both Tc and Re. The 
oxides TcO, and ReO, are black and brown respectively, and can be made by 
burning the metals in a limited amount of oxygen, by heating the heptoxides 
M30; with M, or by thermal decomposition of the ammonium salts NH,M O,. 
TcO, is insoluble in alkali, but ReO, reacts with fused alkali forming rhenites 
ReO,”-. Both oxides have а distorted rutile Structure, with the metal atoms in 
adjacent octahedra displaced from the centre, giving a substantial metal-metal 
interaction like that in MoO, and WO,. The sulphides TcS, and ReS, are both 
known, and rhenium sulphides are effective catalysts for organic hydro- 
genation reactions, and have the advantage over Pt that they are not ‘poisoned’ 
by sulphur compounds. 

TcCI, and all four ReX, halides are known. TcCl, has a solid structure of 
TcCl, octahedra linked into a zig-zag chain, rather like ZrCl,. It is 
paramagnetic, and there are no metal-metal bonds. ReCl, can be prepared 


2ReCl, + SbCl,  2ReCI, + SbCl, 


It is metastable and reactive, and has a Structure based on cubic close-packed 
chlorine atoms. The Re atoms occupy one quarter of the octahedral holes but 


occur in pairs of adjacent octahedra, forming metal-metal bonds with a Re-Re 
distance of 2.73 А. 


Many complexes are known. The hexahalide complexes can be made 


TcO,- conc. HCI [M""CI,E- 
G KD 
ReO,- 
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and ІМЕ „125, [M Br]? and [M I,- are made from the hexachloride and the 
appropriate halogen acid. [ReF,]?- is stable in water, but [ReCl,]?~ 
decomposes 

K,{ReCl,] + H,O > ReO,.(H,0), 
Cyanide complexes are formed by treating [MI,]?- with KCN, and Tc forms 
[Tc(CN),]?-, but Re is oxidized by CN- and forms [ReY(CN),]*~. 


(+V) State 


Mn(V) is rare, and one of the very few examples is the hypomanganate 
MnO 25, which can be obtained as bright blue salts by reducing KMnO, with 
sulphites. Tc is reluctant to form the (+V) state, and Re(V) compounds tend to 
disproportionate. 


3ReYCl, + НСІ > HRe""O, + 2[Ке'УС1]?— 
Perrhenic acid 
H,O 


Re"O,.(H;O), 


ReCl, is dimeric, and has a structure like (NbCI,), (Fig. 6.3b) in which two 
octahedra are joined by an edge. The Re-Re distance is 3.74 À, and there is 
no metal-metal bonding. The oxide Re,O, is also known. The octacyanide 
complex [Re’(CN),]*~ mentioned previously has a dodecahedral structure. 


(- VI) State 


The only known example of Mn(VI) is the dark green manganate ion 
MnO,2-, which is formed by oxidizing MnO, in fused KOH with air, KNO, or 
other oxidizing agent. The ion is quite strongly oxidizing, and is only stable in 
very strong alkali. In dilute alkali, water or acidic solutions it disproportionates 


3Mn"04- + 4H* > 2Mn"!O,- + Mn'YO, + 29,0 


manganate permanganate 


Re(VI) is known as the red coloured oxide ReO,, but the existence of TcO, 
is uncertain. The structure of ReO, is shown in Fig. 6.13a, and the same struc- 
ture is adopted by other oxides such as WO,. Each metal is octahedrally sur- 
rounded by oxygen atoms. The structure is closely related to the perovskite 
structure for compounds ABO, by the insertion of a large cation at the centre 
of the cube as shown in Fig. 6.13b. 

The halides TcF,, ReF, and ReCl, are known. The fluorides are made by 
direct reaction of the elements, and the chloride by treating the fluoride with 
BCl, They have a 4! configuration, and the fluorides are yellow and the 
chloride is green-black. The magnetic moment is lower than the spin only value 


(a) rhenium trioxide ReO, structure (b) perovskite structure ABO,, 
e.g. CaTiO, 


Fig. 6.13 (from A. F, Wells, Structural Inorganic Chemistry, Oxford Clarendon 
Press, 1950). ы 


for d' because of strong spin orbital coupling. The compounds have low melt- 
ing points ranging from 18 to 33 °C, and are sensitive to water 
ReF, + H,O + HRe"!O, + ВеО, + HF 


(+УП) State 


Mn(VII) is not common, but is very well known as the permanganate ion 
MnO,-. The potassium salt KMnO, is widely used as an oxidizing agent in 
both preparative and analytical chemistry. It is manufactured on a large scale 


fuse with KOH electrolytic oxidation 
MnO, DRE REE UPS MnO, " У " 5 МпО;- 
oxidize with air or КМО, in alkaline solution 
manganate permanganate 


Permanganates can be prepared by treating a solution of Mn?* ions with very 
strong oxidizing agents such as PbO, or NaBiO,. The latter reaction is used as 
à confirmatory test for manganese in qualitative analysis. Permanganates can 
also be made by acidifying manganates, when they disproportionate into 
MnO; and MnO,, but the yields are not good. The permanganate ion has an 
intense purple colour despite its d° Configuration, and this is attributed to 
charge transfer spectra. 

KMnO, is used as an oxidizing agent in a number of organic preparations 
including saccharin, ascorbic acid (vitamin C), and nicotinic acid (niacin). It is 


poses. Titrations are normally carried out in acidic solutions when MnO,- is 
reduced to Mn?* giving a change of five electrons. In alkaline solution Mn""'0, 
is formed, involving a three-electron change. Thus the equivalent weight de- 
pends on the pH. The purple colour of MnO; acts as its own indicator in 
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titrations. Permanganate solutions are intrinsically unstable in acidic solution, 
and decompose slowly. Decomposition is catalysed by sunlight. 


4MnO,- + 4Н* > 4MnO, + 30, + 2H,O 


Thus KMnO, solutions should be stored in dark bottles and standardized fre- 
quently. If a small quantity of KMnO, is added to concentrated H,SO,, a green 
solution containing MnO,* ions is formed. 


KMnO, + 3H,SO, = К+ + MnO,* + 3HSO,- + H,O+ 


With larger amounts of KMnO,, an explosive oil Mn,O, is formed. 

Tc(VII) and Re(VII) are represented by the heptoxides, heptasulphides, 
МО, ions, oxyhalides, a hydride complex MH,” and ReF,. The oxides 
Тс,О, and Re,O, are formed when the metals are heated in air or oxygen. 
They are both stable yellow solids, Тс,О; melting at 120 °С and Re,O, at 
220 °C, in contrast to Mn,O,. Тс,О, is more oxidizing than Re;O;. 

Both oxides dissolve in water forming colourless solutions of pertechnic acid 
HTcO, and perrhenic acid HReO,. A second form of perrhenic acid exists as 
H,ReO, (compare periodic acid HIO, and H,IO,). The per acids are strong 
acids in aqueous solution, and the solubilities of perrhenates are similar to 
those of perchlorates. The ions MnO,-, TcO,- and ReO, are all tetrahedral. 
The MnO, ion is a powerful oxidizing agent, whilst ТсО, and КеО, are 
much weaker oxidizing agents (though they will oxidize HCl, HBr and HI). In 
addition, MnO,- is unstable in alkaline solution but TcO, and КеО, are 
quite stable. The acid HTcO, has been isolated as a red solid, and solutions of 
HReO, become yellow-green on concentration. The colours probably arise 
because the tetrahedral ReO, ion becomes less symmetrical when undis- 
sociated HO—ReO, is formed. 

When a pertechnate or perrhenate is treated with potassium in a solution of 
water and ethylenediamine, hydrogen complexes K,[TcH,] and K,[ReH,] are 
formed. The latter was originally thought to contain the rhenide ion Re^, but 
the structure is a tri-capped trigonal prism, that is a trigonal prism with an 
extra three groups pointing out of each of the rectangular faces (Fig. 6.14). 


Fig. 6.14 Structure of the 
enneahydridorhenium(VII) 
ion [ReH,]*. 
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On heating with fluorine, Tc forms TcF,, but Re forms ReF,. This com- 
pound and IF, are the only heptahalides known, and both have a pentagonal 
bipyramid structure. A number of oxyhalides can be made by treating the oxide 
with halogen, or ReF, with oxygen or water. These include ReOF,, ReO,F,, 
ReO,F, ReO,Cl, TcO,F and TcO,Cl. The oxyhalides are all pale yellow о 


. 


colourless compounds which are either low-melting solids or liquids. 


Extraction Я 


Pure manganese is obtained by reducing MnO, or Mn,O, with А! (thermite 
reaction). There is little use for the pure metal, but in the steel industry, alloys 
are produced by reducing mixtures of iron oxide and manganese oxide in a 
blast furnace. Manganese is an important additive to Steel, because it removes 
both oxygen and sulphur, and so improves the strength. World production of 
alloys containing over 1096 Mn exceeds ten million tons per annum. 

Technetium is obtained from spent uranium fuel rods from nuclear reactors. 
These are oxidized, and the volatile Tc;O, distilled out. Rhenium occurs in 
small amounts in molybdenum ores and is recovered from the flue dust from 
roasting molybdenum sulphide ores. If solutions containing Re are oxidized, 
the perrhenate ion ReO,- is formed, which can be precipitated as KReO,, and 
reduced with hydrogen to give the metal. Rhenium has little commercial use. 


Iron, Cobalt and Nickel Groups 


Iron Fe Cobalt Co Nickel Ni 
Ruthenium Ru Rhodium Rh Palladium Pd 
Osmium Os Iridium Ir Platinum Pt 


The elements will be considered first in vertical groups: Fe, Ru, Os; Co, Rh, 
Ir; and Ni, Pd, Pt. However, the horizontal similarities between these elements 
are greater than anywhere else in the periodic table except among the 
lanthanides. As a consequence of the lanthanide contraction, the second and 
third rows of transition elements are much alike. Because of this, the horizontal 
similarities are sometimes emphasized by considering these nine elements as 


two horizontal groups: the ferrous metals Fe, Co and Ni, and the platinum 
metals Ru, Rh, Pd, Os, Ir and Pt. 


Iron Group (Table 6. 15) 


TABLE 6.15 


Element Ensure а 


Electronic structure Oxidation states* 


Fe [Ar] 305 452 П 0 (I) H m Iv v vi 
B [К] 4a’ ES (0 (D II HE IV V VI уп уш 
s [Xe] 4f" 548 652 0 II HI IV V VI (VII) УШ 
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Oxidation States 


In the previous groups of transition elements, the maximum oxidation num- 
ber was attained when all of the valency electrons in the d and s levels were 
used for valency purposes. This would give a maximum oxidation number of 
(+VII) for this group. However, this trend is not continued іп the second half 
of the d block, and the highest oxidation state for Fe is (-- VI). This state is rare 
and of tittle importance. The main oxidation states for Fe are (+П) and (+III). 
The (+П) state is the most stable, and exists in aqueous solution. The (III) 
state is slightly oxidizing, but the (+П) and (+III) states are much closer in 
stability than has been found in previous groups. In contrast the elements Ru 
and Os do form the (+VII) state. Ru(III) and Os(IV) are the most stable 
states, though Ru(IV), Ru(VI) and Os(VI) are also stable. Thus the usual trend 
is observed that on descending a group, the higher oxidation states become 
more stable. The stability of the various oxidation states is shown by the range 
of oxides and halides which are known (see Table 6.4). 


General Properties 


Iron is the fourth most abundant element in the earth's crust (50 000 p.p.m.), 
is the second most abundant metal (see Appendix I), and is used in larger quan- 
tities than any other metal. Several ores are known: haematite Fe,O,, mag- 
пеше Fe,O,, limonite FeO.OH and siderite FeCO,. In contrast, Ru and Os 
are present in trace amounts (107? p.p.m.). 

Pure Fe is white, is not very hard, and is quite reactive (see Table 6.16). It 


TABLE 6.16 
Reagent Fe Ru Os 
O, Fe,O, at 500 °C RuO, at 500 °C OsO, at 200 °C 
Fe;O, at higher temp. 
S FeS RuS, OsS, 
FeS, with excess 
F FeF, RuF, OsF, 
Cl FeCl, RuCl, OsCl, 
H,O Rusts slowly No reaction No reaction 
Fe,O, formed at red heat 
Dilute HCI Fe?* + H, No reaction No reaction 
Dilute HNO, Без + Н, No reaction No reaction 


Aqua regia | Passive No reaction OsO, 
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dissolves in cold dilute non-oxidizing acids forming Fe?* and liberating hydro- 
gen, but if warm or in the presence of air some Fe?* ions are formed, whilst oxi- 
dizing acids give only Fe?*. Very strong oxidizing agents such as concentrated 
HNO, or K;Cr;O, passivate the metal because of the formation of a protective 
coat of oxide. If this layer is scratched, the exposed metal is once again vulner- 
able to chemical attack. In contrast Ru and Os are noble, and are very resistant 
to attack by acids, though Os is oxidized to OsO, by aqua regia. 

Air-free water has little effect on Fe, but in the presence of oxygen and 
water, or even a high humidity, iron rusts to give hydrated ferric oxide. This is 
a noncoherent layer, and flakes away, thus exposing a fresh surface for further 
attack. The rusting of iron is a special case of corrosion, and is of great prac- 
tical importance. A simplified explanation of the very complex process is that 
Fe atoms are converted to Fe?* ions and electrons. The electrons move to a 
more noble metal which may be present as an impurity in the iron, or in con- 
tact with it. The electrons discharge H* ions present in the water forming hyd- 
rogen, which reacts with atmospheric oxygen to give water 


Fe > Fe% + 2e 


2H++2e+2H 2, H,O 

The iron becomes positive and forms the anode, and the noble metal serves as 
the cathode. The Fe?* ions are subsequently oxidized to FeO.OH, Ее,О; or 
Fe,0,. Since the oxide does not form a coherent protective film, corrosion con- 
tinues. To prevent corrosion, oxygen, water, or the impurities must be ex- 
cluded. In practice the iron is often given a protective coating to exclude the 
water, for example by ‘hot dipping’ in molten zinc, galvanizing or coating with 
zinc by electrolysis, Sherardizing, painting with red lead, or treating with 
Phosphoric acid (Parkerizing and Bonderizing processes) when an outer layer of 
iron phosphate is formed. Alternatively a sacrificial anode may be used which 
makes the iron the cathode in the electrolytic cell. Ru and Os are noble, and do 
not react with water. 

The effect of the lanthanide contraction is less pronounced in this part of the 
Periodic table, hence the extremely close similarities between the second and 
third row elements found in the earlier transition groups would not be expected 
(see Table 6.17). The close horizontal similarities in the ferrous metals and in 
the platinum metals are largely due to their similarity in size, for example Fe?+ 
0-76 A, Co% 0.74 A and Ni?* 0-73 A. Because osmium is only a little larger 
than ruthenium, it would be expected to have a much higher density and indeed 
it is the most dense element known (see Appendix III). 


Oxides 


Iron forms three oxides FeO, Fe;O, and Fe,O,, which all tend to be non- 
Stoichiometric. Thus ҒеО commonly has the formula ҒеО, and is metal 


349 


TABLE 6.17 
———— !o— ee ee ee eee ee ae eee ee 
Element Tonic radius М?+ Tonic radius M?* Covalent radius Density 
A A A g/cc 
Fe 0-76 0-64 1-17 7-9 
Ru 0-81 0-72 1-24 12-2 
Os 0-88 0.78 1:26 22-6 


deficient. FeO is formed as a black powder by strongly heating ferrous oxalate, 
followed by rapid quenching to prevent it disproportionating: 


Fej0, 4 Fe? 


ees: [nrc 


FeO has a sodium chloride type of lattice, comprising a cubic close-packed ar- 
rangement of O?- ions with Fe?* ions occupying all the octahedral holes. 

Hydrolysis of FeCl, gives a red-brown gelatinous precipitate of the hydrous 
oxide Fe,O,(H,O), which contains some FeO.OH, but the hydroxide 
Fe(OH), seems not to exist. On heating Ее,О,(Н,О), to 200 °С it forms red- 
brown а-Ее,О,. The structure is a hexagonally close-packed lattice of O?- ions 
with Fe?* ions in two thirds of the octahedral holes. However, if Fe,O, is oxi- 
dized, y-Fe,O, is formed, with a cubic close-packed arrangement of O?- ions 
with Fe*+ ions randomly distributed in both the octahedral and tetrahedral 
sites. 

On igniting Fe,O, at 1400 °C, Fe,O, is formed as a black solid. This is а 
mixed oxide Fe"O.Fe,'O, and has an inverse spinel structure comprising 
cubic close-packed O?- ions, with the larger Fe?* in octahedral holes and half 
the Fe?* in octahedral sites and half in tetrahedral sites. l 

The tendency of these oxides to nonstoichiometry is related to their 
similarity in structure, since the cubic forms differ only in the arrangement of 
Fe?* and Ее?+ in the octahedral and tetrahedral holes. 

Basic properties decrease with increased oxidation number. Thus FeO is 
basic, but Fe,O, though mainly basic is amphoteric since on fusion with 
NaOH or Na,CO, is forms ferrites. 

Ғе,О, + Na,CO, + 2NaFeO, + CO, 
Ferrites hydrolyse with water forming NaOH, and this was formerly used in 
the obsolete Lowig process for manufacturing caustic soda. 

If chlorine is passed into an alkaline solution of hydrated ferric oxide, a red- 
purple solution is formed containing the ferrate ion Fe"'O,?-. Ferrates are also 
made by oxidizing Fe(III) with NaOCl or electrolytically. They contain Fe(VI) 
and are stronger oxidizing agents than KMnO,. Ferrates are only stable in 
strongly alkaline solution, and decompose in water or acid liberating oxygen. 


Fe"0,7- + H+ > Ее?+ + О, + H,O 
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Sodium and potassium ferrates are very soluble, but BaFeO, can be pre- 
cipitated. The ferrate ion is tetrahedral like the chromate ion CrO,?-. The 
stability of the (+VI) state decreases in the Periodic table: 
CrO, > MnO,- > FeO- > CoO,?- 
The oxides of Ru and Os аге: 


+I +IV VIII 

Ru,O,.(H,0),, RuO, RuO, 

(black) (blue-black) (orange) 
OsO, OsO, 
(coppery) (colourless) 


On burning the metals in air, RuO, and OsO, are formed. The dioxides both 
have rutile (TiO,) structures, and the tetroxides both have tetrahedral struc- 
tures. The dioxides react with the halogen acids forming tetrahalides, but the 
tetroxides do not show basic properties and are inert to aqueous acids. OsO, 
and RuO, have melting points of 40 and 100 °C respectively. Both are volatile, 
toxic, strongly oxidizing, slightly soluble in water but very soluble in CCl,. 
Aqueous solutions of OsO, are used as a biological stain because the organic 
matter reduces it to black OsO, or Os. For this reason OsO, vapour is harmful 
to the eyes. OsO, is used in organic chemistry to add to double bonds and give 
cis glycols. 

RuO, dissolves in NaOH solutions forming first the perruthenate (VII) ion, 
then the ruthenate (VI) ion 


4Ru'!!IO, + 40H- + 4Ru"!O,- + 2Н,0 + O, 
perruthenate 


4Ru‘"0,- + 40H- > 4600 ,2- + 2H,0 + О, 
ruthenate 


OsO, is more stable and is not reduced by NaOH 
Os"! O, + 20H- > [Os"O,. (OH)]?- 


perosmate or osmenate 


Iron Compounds 


The (—II) state occurs in the carbonyl ion [Fe(CO),]?- and the zero-valent 
A^ occurs in the carbonyls, e.g. (Fe(CO),, Fe,(CO), and Fe,(CO),, (Fig. 

Pale green ferrous salts containing Ее?+ are well known, particularly 
FeSO,.7H,O. Ferrous compounds are easily oxidized, and so are difficult to 
obtain pure. However, the double salt FeSO,.(NH,),.SO,.6H,O is used in 
volumetric analysis for titrations with oxidizing agents such as dichromate, 
permanganate and ceric solutions. Iron dissolves in the halogen acids in the ab- 
sence of air, and from these solutions the hydrated dihalides ЕеЕ,.8Н,О 
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Fig. 6.15 (a) Structure of Fe(CO),. (b) Structure of Fe,(CO),. (c) Structure of 
Fe,(CO);;. 


(white), FeCl,.6H,O (pale green) and FeBr,.4H,O (pale green) are obtained. 
Hydrated ferrous chloride contains the [FeCl,.4H,O] octahedral unit in which 
the two chlorine atoms occupy trans positions. All four anhydrous Fe(II) 
halides are known. FeBr, and Fel, are made from the elements, but gaseous HF 
or HCI are necessary to prevent formation of the trifluoride or trichloride. 
Ferrous ions form many complexes, most of which are octahedral. The most 
important one is haemoglobin, the red pigment in blood. This is made up of a 
porphyrin complex haem (Fig. 6.16) which contains Fe?* in a square planar 
complex with four nitrogen atoms. In haemoglobin a globular protein is coor- 
dinated to the Fe?* in haem through a fifth nitrogen atom from a histidine 
molecule, and the sixth position round the Fe?* is occupied either by an oxygen 
molecule or a water molecule. Since the O, and H,O are readily interchanged, 
haemoglobin can pick up oxygen at the lungs and transport it to parts of the 
body where oxygen is required, where the oxygen is removed and replaced by a 
water molecule. The important factor in haemoglobin acting as an oxygen car- 
rier is the reversibility of the process. Other groups such as CO or CN- can oc- 
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Fig. 6.16 Haem b. 


cupy the O, site, but coordination is stronger (e.g. CO) or irreversible (e.g. 
CN-). They are therefore toxic because they prevent oxygen transfer. The pro- 
tein part of haemoglobin also carries CO, from the tissues to the lungs. Haem 
is also important biologically in myoglobin which is used to store oxygen in 
muscles, and in the cytochromes which act as electron carriers. 

The anhydrous ferrous halides absorb ammonia forming a series of com- 
plexes such as [Fe(NH,),]*+. The Fe?* ion is hydrated in solution forming 
[Fe(H,O),I^*, and hexacyanoferrate(II) ions (ferrocyanides) [Fe(CN),]*- can 
be made by the action of CN- ions on a ferrous salt. Copper may be pre- 
cipitated as red-brown Cu,"[Fe(CN),] in analytical chemistry. Potassium fer- 
rocyanide is used to test for iron, when Fe?* ions give a white precipitate of 
K;Fe"[Fe'(CN),], and Fe?* ions give deep blue KFe™![Fe"(CN),] known as 
Prussian blue. Recent X-ray work has shown that the deep blue colour pro- 
duced by Fe?* with hexacyanoferrate(III) ions (ferricyanides) [Fe (СМ), 
known as Turnbulls blue KFe.. [Fe'! (CN),] is identical to Prussian blue. The 
brown ring test for nitrates and nitrites depends on their reaction with H,SO, 
forming NO, which combines with Fe?* forming a brown complex 
[Fe(H,O),.NOI?*. Ortho-phenanthroline (Fig. 6.17) forms a red coloration 
with Fe?* ions, due to the octahedral complex [Fe(o-phenanthroline),?*. This 
is used for the colorimetric determination of iron. Fe?* has а d* electronic con- 
figuration, and octahedral complexes with weak ligands have a high spin ar- 
rangement with four unpaired electrons (Fig. 6.182). Strong ligands such as 
CN- and o-phenanthroline cause spin pairing (Fig. 6.18b) and result in 
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Fig. 6.17 


(a) weak ligand field (b) strong ligand field 
Fig. 6.18 Electronic arrangements of dion Fe?*. 


diamagnetism. These complexes are more stable than the high spin arrange- 
ment because they have a larger crystal field stabilization energy. 

In addition to these octahedral complexes, Fe?* forms a few tetrahedral 
complexes, and the heavier halides form crystalline complexes [Fe"X,]?~ with 
large cations, since the presence of two large ions gives a high coordination 
number and hence a high lattice energy. 

Fe?* forms an interesting sandwich type of molecule with cyclopentadiene of 
formula (C,H,),Fe, commonly called ferrocene (Fig. 6.19). The metal atom is 
sandwiched between two organic parts 

2C,H, + 2E&NH + Fec, 95995, (c.g) pe + 2Et,NH,Cl 

All the first row transition elements except Ti and Mn form similar compounds, 
but they are much less stable than ferrocene. Ferrocene is sometimes regarded 
as a compound of Fe?* and two C,H,~ ions. The bonding in these aromatic 
sandwich type structures is better considered as л bonding involving the lateral 
overlap of the d,, and d,, orbitals on Fe with the delocalized aromatic orbital 
from each cyclopentadienyl ring. The bonding is too complicated to be 
described here, but further details are given in ref. 24, 
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Fig. 6.19 Ferrocene. Staggered and eclipsed configurations found for ferrocene and 
ruthenocene, respectively, in their crystals. (G. Wilkinson and F. A. Cotton іп F. A. 
Cotton, ed., Progress in Inorganic Chemistry, Vol. I, Interscience, New York-London, 
1959, p. 22. Reprinted by permission of John Wiley & Sons, Inc.) - 
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Fe(III) ferric salts are obtained by oxidizing the corresponding ferrous salts. 
Ferric compounds are less ionized than ferrous, and FeF, in solution does not 
give a positive test for Ее?+ or F- ions. Ferric solutions are frequently yellow- 
brown, but the colour is due to the presence of colloidal iron oxide, or 
FeO .OH. The halides FeF,, FeCl, and FeBr, can all be made by direct reac- 
tion of halogen and metal. The iodide does not exist in a pure state because 
Fe?* oxidizes I-. In solution this oxidation is complete but some Fel, may exist 
with Fel, in the solid. FeF, is white. Since Fe?* has a d configuration, and F- 
is a weak ligand, each of the d orbitals will be singly occupied (Fig. 6.21a). Any 
d-d electronic transition will be ‘spin forbidden’, since it involves both promot- 
ing an electron and reversing its spin. Changes like this are of low probability, 
hence the lack of colour. A similar effect is observed with Mn?* spectra. In 
contrast to this, FeCl, and FeBr, are red-brown, the colour arising from charge 
transfer spectra. The solid structures are close-packed halide ions with Fe?* oc- 
cupying two thirds of the octahedral holes in one layer, and none in the next 
layer. FeCl, sublimes, and in the gas it is dimeric. In solutions such as ether or 
water, it exists as solvated monomeric species (Fig. 6.20) Hydrated 
FeCl, .6H,0O is encountered as yellow lumps, and is used as an oxidizing agent, 
and as a mordant in dyeing. The most important double salts are the alums: 
ferric ammonium alum Fe,(SO,),.(NH,),SO,.24H,O and potash alum 
Fe,(SO,),.K,SO,.24H,0, which are used as mordants. 


cl 1 cl 3 
aN ps ME C,H. 
Pen pac e НОЕ [Fe(H,O),I** Cl, 
CI CI CI E 
(a) (FeCl,), gas (b) solvated FeCl, (с) hydrated FeCl, 
Fig. 6.20 


The ion [Fe(H;O), ** is pale purple in very strong acid, and tends to hydro- 
lyse to yellow solutions at pH 2—3, and to a brownish solid at pH 4-5. 


Fe,0,(H,0),, 
[Fe(H,0),|**+  [Fe(H;O), .OH?* + [Fe(H,O),(OH),]* + { and 
Р +H* 4H* FeO.OH 


Hydrated ferric oxide Ее,О,(Н,О), is rust-coloured, and the gelatinous solid 
precipitated from solution often contains FeO.OH but Fe(OH), is not formed. 
Fe?* forms many complexes with ligands which coordinate through oxygen, 
including phosphate ions, and the oxalate complex [Fe(oxalate),]3- which is 
useful for removing rust stains by oxalic acid. The deep red colour from 
Fe(SCN), and [Fe(SCN),]- is important in the detection and estimation of fer- 
ric iron. This colour is destroyed by the addition of F- ions, when [FeF,]?- is 
formed. Fe?* has a d* electronic configuration, hence weak ligands will have a 
high spin arrangement, and d-d spectra will be ‘spin forbidden’ and consequen- 
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tly weak. In contrast a few strong ligands such as CN-, SCN- and oxalate will 
give a spin paired arrangement, and will show intense colours from d-d spectra 
(Fig. 6.21b). 


(a) weak ligand high spin (b) strong ligand spin paired 


Fig.6.21 4° electronic arrangements (Fe?*). 


Ruthenium and Osmium Compounds 


The ion [Ru(CO),]?- is an example of the rare (—II) oxidation state. Zero- 
valent compounds are found in the carbonyls, which may be mononuclear 
M (CO),, dinuclear Os,(CO), or polynuclear M,(CO),, (Fig. 6.22). These un- 
dergo substitution reactions, for example with phosphine ligands PR ,, and the 
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Fig. 6.22 Suggested structure of Os,(CO),, and structure of Os,(CO),, and 
Ru,(CO),,. 


metal-metal bond and the metal cluster are often retained. An unusual 
derivative Ru,C(CO),, contains a distorted octahedral cluster of six Ru atoms 
with a carbon atom at the centre (similar to the arrangement in interstitial 
metal carbides), but four of the Ru atoms have three terminal CO groups and 
the remaining two Ru atoms have two terminal CO groups and one bridging 
co 


There are few simple compounds of Ru(II) and Os(ID, though 
[Ru"(H,0),|?+ is known. Except in the presence of non-complexing anions 
such as ВЕ, and CIO ,, the (+I) state exists as complexes. A large number of 

` complexes are formed with ligands capable of backbonding, such as СО and 
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phosphine ligands PR,. Other complexes are formed with CN-, Cl-, NH, and 
amines. These are all tetrahedral. These are all formed by reducing solutions 
containing M (III) or M (IV) in the presence of the ligand. The metal has а d‘ 
configuration, and the complexes are all diamagnetic, indicating a spin paired 
arrangement, and are stabilized by a large crystal field stabilization energy. 

Ruthenium forms an interesting series of complexes Ru'NO.Z,, where L 
can be almost any ligand—such as Cl-, NH,, H,O, NO,-, ОН-, CN- and 
many others. The NO is strongly bonded to the metal by o and л bonds, and 
the Ru-NO group persists through a wide variety of substitution and 
oxidation-reduction reactions. X-ray studies show that some of the complexes 
have bent Ru-N-O bonds, whilst others are linear. Similar osmium complexes 
are known, though they have been studied less. 

The [Ru" (NH;),.H,O|?* group has strong z-bonding properties and can 
form complexes with N; and CO. 


(Ru(NH,),H,O}+ + N, > [Ru(NH,),.N,}?+ 
[Ru(NH,),.N,|?+ + [Ru(NH,), -H,O]*+ + [(NH,),.Ru-N-N-Ru. (NH,),]** 


The N-N bond in the dinuclear complex of 1-124 A is only slightly longer than 
the distance of 1-098 A in N,. The interest in complexes which can coordinate 

‚ nitrogen arises from the possibility of nitrogen fixation (see also under 
titanium), and nitrogen complexes have also been made for all the metals in the 
Mn, Fe and Co groups, together with Mo and Ni. The complexes typically con- 
tain the metal in a low oxidation state, often with phosphine or hydride ligands 
such as (R,P),Ni.N,.Ni(PR;), and (R,P),.Fe.N,.H,. Since the N, molecule is 
symmetrical and has а zero dipole, с bonding from N to the metal will be very 
slight (hence the very small change іп N-N bondlength), and backbonding 
from the metal to л orbitals on the nitrogen is the main interaction. 

In the (+Ш) state, Ru complexes are more numerous than those of Os. Both 
elements form [M"'(NH;),I*, and Ru forms a range of mixed halogen- 
ammonia complexes. If RuO, is added to concentrated HCl and evaporated, a 
dark red material formulated RuCl,.3H,0 is formed. This is readily soluble in 
water, and is the starting point of many preparations. It seems to contain not 
only Ru" species but also some polynuclear Кш“ species. Ru(III) chloro 
species catalyse the hydration of acetylenes. 

The (+V) state is unstable, and is found only as the pentafluorides, which are 


tetrameric with bridging F groups as in NbF, and TaF, (Fig. 6.3а). Fluoride 
complexes are also known 


RuCl, + KCl + F, + K[Ru"F,] 


Extraction 


Iron is extracted from its oxides in a blast furnace. Iron ore, coke and cal- 


cium carbonate are fed into the furnace, where iron oxide is reduced by carbon ` 
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and carbon monoxide to give pig iron. CaCO, decomposes to CaO, which 
reacts with any silicate impurities present forming iron silicate or slag, which 
floats on the molten iron. Pig iron or cast iron is very brittle, and contains up to 
4% carbon and other impurities. Steel making consists of purifying pig iron. In 
the older processes, carbon is removed by heating in air in an open hearth or 
electric furnace, or blowing air through the molten mixture in a Bessemer con- 
verter. The more modern Kaldo and LD processes use pure oxygen rather than 
air, resulting in a faster conversion, allowing larger quantities to be handled, 
and giving a purer product free from nitrides. 

A good review on iron and steel making is given in ref. 22. Wrought iron has 
had all the carbon removed and is malleable. Usually the correct amount of 
carbon is added to give steel of varying properties: 0-15—0-3%C mild steel, 
0-3-0-6%C medium steel, 0-6—0-8%C high carbon steel and 0-8—1-496C tool 
steel, The production of alloys containing small amounts of V, Cr, Mo, W or 
Mn gives steels with special properties for particular purposes. 


Cobalt Group (Table 6.18) 


TABLE 6.18 
a aS раны EDU "WES 
Element Electronic structure Oxidation states* 
Cobalt Co [Ar] 3d 452 —I 0 I H Ш (IV) (V) 
Rhodium Rh [Kr] 44% 5s! —101ПШ IV v vi 
Iridium Ir [Xe] 4f*54d* OIILHI IV (V) VI 


* See p. 154. 


Oxidation States 


The trend for the elements in the second half of the d block not to utilize all 
of their outer electrons for bonding in the maximum oxidation state is con- 
tinued. Though there is a possible report of Co(V), even Co(IV) is unstable, 
and the maximum state for Rh and Ir is (4 VI). For Co, the (+11) and (III) 
states are by far the most important, and the trend in the later elements of the 
first row for the (II) state to be more stable than (+III) is also observed. 
Co(II) exists as Co?* ions which are stable in water, but Со(Ш) is relatively 
unstable in simple compounds, but is very important in complexes. The most 
stable states for the other elements are Rh(III), Ir(III) and Ir(IV), and simple 
ionic compounds of these elements are uncommon. 


General Properties 


Cobalt is harder than iron, bluish-white and ferromagnetic. It is relatively 
unreactive, and does not react with water, hydrogen or nitrogen. It reacts with 
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oxygen, the halogens, sulphur, carbon and phosphorus at elevated tem- 
peratures, and also with steam when it forms CoO. It dissolves slowly in dilute 
acids, but like Fe it is rendered passive by concentrated HNO,. Rhodium and 
iridium are also hard metals, and in common with the other platinum metals 
they are much more noble and unreactive. They are resistant to acids, but react 
with oxygen and the halogens at high temperatures (Table 6.19). All three ele- 
ments form a large number of coordination compounds. 


TABLE 6.19 
Reagent Co Rh Ir 

о, CoO Rh;O, at 600 °C IrO, at 1000 °C 
F CoF, and CoF, RhF, at 600 °C ГЕ, 
СІ Сос, RhCI, at 400 °C IrCl, at 600 °C 
H,O No reaction No reaction No reaction 
Dilute HCI or 

HNO, Со?+ + H, No reaction No reaction 
Conc. HNO, Passive No reaction No reaction 


Lower Oxidation States 


The oxidation states (—I), (0) and (+I) occur in a few compounds, generally 
with z-bonding ligands. The (—I) state is found in the tetrahedral complexes 
[Co(CO),I", [Rh(CO),I7, [Co(CO),NO] and K[Ir(PF,),]. The zero oxidation 
state occurs in Co,(CO),, though there is some doubt about the corresponding 
Ru compounds (Fig. 6.23). The carbonyls Co,(CO),,, Rh,(CO),, and 
Ir,(CO),, all contain a cluster of four metal atoms, but the Co and Rh com- 
pounds have three bridging CO groups and the Ir compound has none (Fig. 
6.24). The carbonyl ion from Na,{Co,(CO),,] and the carbonyls Со (СО), 
апі Rh,(CO),, have unusual structures, comprising an octahedral cluster of 
six metal atoms with a CO group bridging three metal atoms on each tri- 
angular face of the octahedron. The remaining CO groups are normal terminal 
groups. 


Other zero-valent compounds are K,[Co(CN),] and [Co(PMe,),]. 
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Fig. 6.23 Two isomeric forms of Co,(CO),, both with metal-metal bonding. 
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Fig. 6.24 


(+1) State 


Co(I) exists in only a few compounds. The ion [Co-'(CO),]- reacts with 
organic isonitriles R-NC giving [Co (CN R),]* which has a trigonal bipyramid 
structure. The complex Co!.H(N;)(PPh;), also has a trigonal bipyramidal 
structure (Fig. 6.25) in which the N—N bond length is 1-11 À compared with 
1-098 A in N,. This indicates only weak c bonding from N to Co, and the 
bond is mainly due to backbonding from Co to N similar to that in 
[Ru(NH),N;?*. 

There is a fairly extensive chemistry of Rh(I) and Ir(I) complexes with л- 
bonding ligands such as CO, phosphines PR, and alkenes. These normally have 
either a square-planar structure for example trans [Ir.Cl(CO)(PPh,),] or a tri- 


PhP PPh3 


PPh3 


H 
Fig. 6.25 Structure of [Co!. H(N;Y(PPh),l. 
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gonal bipyramid structure as іп [Rh. H(CO)(PPh,),]. The square-planar (+I) 
compounds undergo an unusual type of reaction called oxidative addition, 
where a neutral molecule is added to the complex to give а (+ Ш) octahedral 
complex 

{Ir'Cl(CO)(PPh,),] + НСІ ^ г (СІ), (СО)(РРЋ,),Н] 


A similar reaction occurs with H,, H,S, CH,I, and CI-HgCl. Other molecules 
such as O,, SO,, CS,, RNCS, RNCO and RC=CR which contain multiple 
bonds may be added without breaking into two separate ligands, so that a cyc- 
lic structure is formed (Fig. 6.26). Oxidative addition reactions have been ob- 
served for complexes where the central metal has a d® or d!° configuration in- 
volving Rh'!, Ir, Ni?, Рао, Pt®, Ра" and Рі". There must be non-bonding d 
electrons on the metal, and also two vacant coordination sites. 


PPh, 


PPh, 
Fig. 6.26 


The carbonyl hydride HCo'(CO), is the active species in the OXO process 
for converting alkenes first to aldehydes, then to alcohols with a cobalt 
catalyst. 

RCH=CH, + HCo(CO), + RCH,CH,Co(CO), 
RCH,CH,Co(CO), + СО + RCH,CH,CO.Co(CO), 
RCH,CH,CO.Co(CO), + H, + RCH,CH,CHO + HCo(CO), 


(+11) State 


A wide range of simple Co(II) compounds are known including the oxide, 
sulphide and salts of the common acids. These all contain Co?* or 
[Co(H,O)4?* ions. Anhydrous CoF, is obtained from the reaction of HF on 
CoCl,, and the other anhydrous halides by heating the elements. They all have 
solid structures in which Co?* is octahedrally coordinated. The hydrated salts 
are all pink or red. Cobalt chloride is used as a test for water since on dehyd- 
ration pink coloured octahedral [Co(H,0)?* ions turn into blue coloured 
tetrahedral [Co(H,O),}** ions. A similar colour change occurs when hydrated 
CoCl, is dissolved in concentrated НСІ or concentrated alkali because 
tetrahedral [СоСі,)]2- or [Co(OH),}?- ions are formed. The reason for the 


———S»——— 
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change in colour is that the crystal field splitting of the energy levels is different 
in octahedral and tetrahedral cases. Most Co(II) compounds are soluble in 
water, and Co(OH), is basic. 

Co(II) forms numerous complexes, which may be tetrahedral, octahedral, or 
occasionally square planar. The monodentate ligands Cl-, Br^, I-, OH- and 
SCN- commonly form tetrahedral complexes. The complex [CoHg(CNS),] is 
unusual in that Co?* is tetrahedrally coordinated by N atoms and Hg?* is 
tetrahedrally coordinated by S atoms giving a polymeric solid. This compound 
is often used to calibrate a magnetic balance when measuring magnetic moments. 
Square planar complexes are formed with several bidentate ligands such as 
dimethylglyoxime. Magnetic measurements can be used to distinguish between 
tetrahedral and square planar arrangements since tetrahedral complexes have 
three unpaired electrons and square-planar only one. Even though Co?* is 
much more stable than Co?*, many Co(II) complexes are readily oxidized to 
Co(II) complexes 


bubble in air 


[Co'(NH,]* —————— [Co (NH 2+ 


This happens because the crystal field stabilization energy of Со(Ш) with a d$ 
configuration is higher than for Co(II) with a d? arrangement (Fig. 6.27). 


Fig.6.27 Electronic arrangements for d and d" ions in a strong octahedral field. 


Rhodium and iridium form few (+П) compounds. The existence of RhO is 
uncertain, and IrCl, exists as a polymer. There appear to be no complexes 
comparable with those of Co(II). The Rh,‘ ion is known in solution and some 
binuclear bridged carboxylate complexes HOH,C.Rh.(R.COO),.Rh.CH,OH, 
and some complexes with phosphine ligands are known. 
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(+Ш) State 


Co(III) does not occur in many simple compounds, and these аге all strong- 
ly oxidizing. Со,О, is not known in the pure state, only as a hydrated oxide 
which oxidizes water. CoF, is commonly used as a strong fluorinating agent, 
though it is less reactive than F,. It can be made from CoF, and F,. Anhydrous 
Co'(NO,), may be prepared in a non-aqueous solvent such as N,O,, and has 
an unusual structure with Co at the centre of an octahedron of O atoms from 
three bidentate NO,~ groups. The chemistry of Co(II) is largely that of its 
coordination compounds. 

In contrast to the difficulty in preparing simple Co?* ions, Co?* complexes 
may be produced easily, either by aerial oxidation of Co?* in the presence of 
appropriate ligands, or by substituting ligands in an existing complex. There 
are almost always six ligands in an octahedral arrangement, the ligands includ- 
ing CN^, NH, amines, water, Cj0,?-, CO,?-, ОНУ, CI, Br-, I- and many 
others. Some common complexes are listed below with their colours. It can be 
seen that the cobalt may form either a positive or a negative complex ion, or an 
electrically neutral non-electrolyte complex. 

[Co(NH),P* yellow 

[Co(NH,),.H,OP* pink 

[Co(NH,),CII?* purple 

[Co(NH,),CO,]* purple 

[Co(NH,),(NO,),] yellow 

[Co(CN),I*- violet 

[Co(NO,),}?- yellow 
Co(II) forms more complexes than any other element. The metal has а 2$ con- 
figuration, and most of the ligands are strong enough to cause spin pairing, 
thus giving a large crystal field stabilization energy. [CoF,]?- is one of the few 
examples of a high spin complex. Though nitrogen ligands (ammonia and 
amines) are the most common, a number of oxygen ligands also form com- 
plexes including [Co(oxalate),] and [Co(acetylacetone),]. 

Vitamin B,, is important in the treatment of pernicious anaemia, and con- 
tains a Со(Ш) ion at the centre of a corrin ring system (Fig. 6.28), similar to 
the arrangement of Fe(II) in haemoglobin. The Co atom is bonded to four ring 
N atoms, with a fifth position occupied by another N from a side chain. The 
sixth group which makes up the octahedron is the active site, and is normally 
occupied by a CN, ОН- or organic group. 

Certain porphyrin complexes of Co(II) structurally similar to haemoglobin 


and the complex 
CH. 
y Mi ies 


—N 
m P 


N Со, 7 


CH3 CH, 
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Fig.6.28 Vitamin В,,,суапосоБа!атїп. The corrin ring system is shown in heavy type. 


have been shown capable of reversible oxygenation and deoxygenation in 
solution at room temperature, and though cobalt complexes are not involved in 
oxygen metabolism in the body, they may serve as a useful model. 

All the (+III) halides RhX, and IrX, are known. RhF, is prepared by 
fluorinating RhCl,, IrF, by reducing IrF, with Ir and the others are prepared 
by direct reaction. They are all insoluble in water, unreactive and probably 
have layer lattices. The oxide Rh,O, is obtained by burning the metal in air, but 
17,0, is only obtained with difficulty as the hydrated oxide, by adding alkali to 
Ir! solutions under an inert atmosphere, since it oxidizes easily to Ir'YO,. In 
contrast to the oxidizing Co?* ion, [Rh'(H,O);]?* exists as a stable yellow 
coloured ion. A considerable number of Rh(III) complexes are known, and the 
Ir(III) complexes are generally similar. The complexes are mostly octahedral 
such as [Rh(H,O)J*, [Rh(NH;)P* and [RhCl,]*-, though a few such as 
АНЫН and [КћВг,]* are also formed. A few complexes have metal-metal 

nds: 


[(R,As),Rh''(HgCD]*CI- contains Rh-Hg bond 
[Ir,CI,(SnCL),I*- contains Ir-Sn bonds 
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Several hydride complexes are also known [Rh(R,P),.H.Cl,?* and 
[Ir(R;P),. H.CL?*, [Ir(R,P),. H;.CI]** and [Ir(R,P),H,]**. Reduction of 
Rh(III) and Ir(III) complexes gives the metal, whereas reduction of Со(Ш) 
gives Co(II). 


(IV) State 


This is the highest oxidation state normally obtained for cobalt. Oxidation of 
alkaline Co?* solutions gives an ill-defined product thought to be hydrated 
CoO,, and a complex Ba; Co!"O, has been reported. Co(IV) occurs formally in | 
a peroxide complex. 


[(NHj,.Co"-0-O-Co".. (NH) + 9995, [NH Co"-0-0-Co". (NH) 
bi 


rown green 


Whilst the magnetic moment of the green complex is in agreement with the pre- 
sence of Co(III) and Co(IV), electron spin resonance indicates that both Co 
atoms are identical; hence an electron must be able to move across the peroxy 
bridge and spend an equal amount of time on both metal atoms. 

Ir(IV) is one of the most stable states, but there are few Rh(IV) compounds. 
Both metals form tetrafluorides, and the other IrX, halides may have been — 
formed. IrO, is formed by burning the metal in air, but RhO, is only formed by 
strongly oxidizing Rh(III) solutions for example with sodium bismuthate. 
Rhodium forms only a few complexes [RhF,]?- and [RhCI,]?-, but Ir forms a ' 
variety of halide and aquated complexes [IrCl,(H,O),]+, [IrCl,(H,O),l, 
{IrCl,.H,O]-, and the oxalate complex [Ir(oxalate),]?~ which can be resolved : 
into d and / optical isomers. 


(+V) and (+ VI) States 


Co(V) compounds do not exist under normal conditions, though there have - 
been reports of K,CoYO,. Rh(V) and Ir(V) exist as very reactive penta- 
fluorides, which are readily hydrolysed and have a tetrameric structure with 
M—F—M bridges similar to Nb, Ta, Mo, Ru and Os (Fig. 6.3a). The only com- 
plexes known are Cs[RhF,] апа Cs|IrF,]. d 

The (+VI) state is found in RhF, and IrF,, which are made by direct reac- 


tion, the heavier Ir compound being more stable. IrO, has been reported, but is 
probably a peroxide. 


Occurrence and Extraction 


i Cobalt has an odd atomic number and only occurs to the extent of 23 p.p.m. 
in the earth’s crust, whilst rhodium and iridium are present only as traces. 
Cobalt is extracted by converting sulphide or arsenide ores to the oxide, and 
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reducing with hydrogen or charcoal. The metal forms important alloys with 
steel, and is used in the manufacture of cutting tools and magnets. The oxide is 
used as a blue pigment in the ceramic industry. Cobalt is an essential con- 
stituent in fertile soil and is present in vitamin B,,. Cobalt salts are also used in 
making blue coloured glass, and the salts of fatty acids from linseed oil and 
naphthenic acid are used as ‘driers’ to speed the drying of oil paints. 


Nickel Group (Table 6.20) 


TABLE 6.20 
————— — P L eae) 
Element Electronic structure Oxidation states* 
Nickel Ni [Аг] 3d*4s? —I 0 I H III IV 
Palladium Pd [Kr] 4d!* 0 mn IV 
Platinum Pt [Xe] 4/14 549 6s! оп IV V VI 


———————————MM————Á——Á— 


* See p. 154, 


Oxidation States 


Nickel shows a range of oxidation states from (—I) to (IV), but the only 
one of importance is (+II). Ni?* ions are stable in solution, and many simple 
compounds are known. Ni(II) also forms numerous complexes, which are 
mainly square planar or octahedral. Zero-valent states are known for pal- 
ladium and platinum, but the (+П) and (+IV) states are both important. These 
are not ionic, and the (+11) complexes are square planar and (--IV) complexes 
are octahedral. The higher oxidation states (V) and (VI) occur in a few Pt com- 
pounds, and are unstable. 

Despite the importance of the (+1) state for all three metals, the trend to 
greater stability of higher oxidation states for the heavier elements is shown by 
the increase in the maximum oxidation state from (+IV) to (4- VI), and by the 
increased importance of the (+IV) state. The usual decrease in simple ionic 
forms with increased atomic number is also observed. 


General Properties 


Ni is much more reactive than the other two metals, though Pd and Pt are 
rather more reactive than the other elements in the platinum group. Pt is not 
the totally inert material it was once thought to be as is shown by its 
Widespread use as a catalyst. Ni is silvery-white, and is not attacked by air or 
water at ordinary temperatures. It is often electroplated on to other metals to 
Provide a protective coating. Since it reacts only slowly with fluorine, the metal 
itself and alloys such as Monel are often used to handle F, and corrosive 
fluorides. Finely divided Ni, for example Raney Ni, is readily oxidized by air 
and may be pyrophoric. 
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Ni dissolves readily in dilute acids, giving Ni^* and H,. It is rendered pass 
by concentrated HNO, and aqua regia. Pd and Pt are both grey-white, and 
more reactive towards acids than the other platinum metals. Pd dissoh 
slowly in НСІ in the presence of O, or Cl, and fairly readily in concentr; 
HNO, giving [Pd!'Y(NO,),(OH),]. Pt is the most resistant to acids, but dis- 
solves in aqua regia giving H,[PtCl,] (see Table 6.21). 


TABLE 6.21 

Reagent Ni Pd Pt 

о, NiO PdO at red heat PtO at high temp. and 
pressure 

F, NiF, PdF, at 500 °C PtF, at red heat 
Cl, NiCl, PdCl, PtCl, 
H,O No action Мо action No action 
Dilute HClor HNO, М№і2+ + Н,  Dissolves very slowly No action 
Concentrated HNO, Passive Dissolves No action 
Aqua regia Passive Dissolves H,[PtCI,] 


Ni reacts with fused NaOH and O, to form sodium nickelate NaNi!!!O,. Pd 
and Pt are both rapidly attacked by fused alkali oxides and peroxides. 1 
The metals all react with the halogens on heating, and the fluorides produced. 
all show different oxidation states. The compound PdF, has been shown to be 
Pd''[Pd""F,] rather than Pd(III). Pd and Pt both absorb large volumes of hyd- 
rogen, and Pd is used to purify H, by diffusion. ! 
Pt(II) and Pt(IV) form an extremely large number of complexes, and Pt and 
Co are the two most prolific complex-forming elements. 1 
All three metals are important catalysts—particularly Raney Ni, and. 
Adams catalyst Pt/PtO for hydrogenation, Pt/Rh for the oxidation of NH, to 
NO, and the most important is Pt as a reforming catalyst in the oil industry. 


‚ The range of oxides and halides formed by the various oxidation states is 
given in Table 6.4. \ 


Low Valency States (—1), (0), (+1) 


Ni(—I) is found іп the carbonyl anion Ni,(CO),2-. The zero-valent state is 
formed by all three metals. Ni (CO), is formed by warming Ni and CO. The 
molecule is tetrahedral, and volatile. Its formation and subsequent pyrolysis | 


was important in the Mond process for the purification of the metal until the 
process became obsolete about 1970. 


D 


Ni + CO Ni(CO), 


180°C 
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A phosphine derivative Ni®(PF,),, and mixed compounds such as 
Ni(CO),(PF;), are also known. Reduction of [Ni"(CN),] by potassium in 
liquid ammonia gives K,[Ni°(CN),], whilst reduction with hydrazine sulphate in 
aqueous media gives K,[Ni,(CN),]. Pd and Pt do not form carbonyls like 
Ni(CO),, but phosphine complexes such as [Pt°(PPh,),] and [Pt°(PPh,),] are 
known, and [Pd°(CO)(PPh,),] and [Pt°(CO),(PPh,),] are known, The ligand 
CO is a weak о donor, and a strong л acceptor, whilst PPh, is a stronger т 
donor but a weaker л acceptor. The absence of simple carbonyls for Pd and Pt 
suggests that they have less tendency to form z bonds than Ni, possibly 
because of their rather high ionization energies (Table 3.2). Some cluster com- 
pounds are known Pd,(CO),L and Pt,(CO),L,. 


(+1) State 


The (+11) state is very important for all three elements. A wide variety of 
simple Ni?* compounds exist, including all the halides, the oxide, sulphide, 
selenide and telluride, salts of all the common acids including less stable ones 
such as NiCO, and oxidizing ions like Ni(ClO,),. The hydrated ion 
[Ni(H,O),]?*+ gives rise to the green colour characteristic of many hydrated 
salts. Many anhydrous Ni salts are yellow. Double salts with alkali metals and 
NH,* are known, for example NiSO,(NH,),SO,.6H,O. These are iso- 
morphous with the corresponding double salts of Fe?*, Co?* and Mg?*. 

Though the chemistry of Ni is simplified by the dominance of the (--II) state, 
Ni(II) complexes are quite complicated, since octahedral, square planar, 
tetrahedral, trigonal bipyramidal and square-based pyramidal structures may be 


dyz.y2 


BI 


|| 


(| NE 
(а) 4% arrangement in weak (b) d’ arrangement in strong 
octahedral field e.g. [Ni(H;O),I?* octahedral field giving square-planar 


structure e.g. [Ni(CN),l?- (note that 
the t level is also split, the d, being 
higher in energy than d,, and d, , but 
for simplicity this is ignored.) 

Fig. 6.29 
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formed. Complexes with ammonia and ethylenediamine [NI (NH) 
[Ni(H,0),(NH,),|?+, {Ni(ethylenediamine),|?+ are all octahedral, are us 
blue in colour, and are paramagnetic since the d* ion has two ип 

electrons (Fig. 6.29a). With strong ligands such as CN", diamagnetic squ 
planar complexes such as [Ni(CN),?- are formed (Fig. 6.29b). The ret 
coloured complex precipitated by Ni?* and dimethylglyoxime from slightly ап 
moniacal solution is also square planar, and is used both for the detection an 
quantitative estimation of Ni. The dimethylglyoxime loses a proton, and foi 
stable complex molecule which is stabilized because two five-membered ch t 
rings are formed, and also by internal hydrogen bonding indicated by dotte 
lines. uH) 


он zm 

CH,—C—N CH,-c-N N—C—CH; 
Эп PA 

2 + Nit 24 + 2H* 

7А aN 

CH,—C— CH,—C—N N=C—CH, 
NS N “ 

он он-О i 


The square-planar complexes are generally red, brown or yellow in colour. 
The formation of square-planar complexes is discussed further in Chapter 8. ў 
Several examples of tetrahedral Ni(II) complexes are known, and these 
generally contain halide ligands, and often phosphine, phosphine oxide or 
sine ligands as well, as in [Ph,As],*[NiCl,]?-, [(РҺ,Р),. NiCL] 
[(Ph,AsO),NiBr,]. These complexes are typically intensely blue coloured, am 


Fig.6.30 d? arrangement in tetrahedral field. 
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the cagework of the crystal. Such compounds are called clathrates and other 
molecules of a similar size may be trapped in a similar way. 

Pd(II) and Pt(II) exist as oxides, halides, nitrates and sulphates. The anhyd- 
rous solids are generally not ionic. PdO exists in the anhydrous state, but PtO 
is only known as an unstable hydrated oxide. All the dihalides MX, are known 
except for PtF,. PdF, is unusual in that it is ionic, and the d® ions are 
paramagnetic. The [Pd(H,O),]*+ ion exists in water, and is presumed to be 
square planar since it is diamagnetic. In hydrochloric acid the diamagnetic 
[PdCI,]?- ion is formed. All of the other dihalides are molecular or polymeric, 
and are diamagnetic. PdCl, and РЕСІ, both exist in æ and £ forms. 


550°C 
Pd + C — a(PdCl,), 


slow 
<550°C 


КЇРаС1)„ 


a-PdCl, has a flat chain polymeric structure (Fig. 6.31a) whilst the f form has 
an unusual molecular structure comprising an octahedron of six metal atoms 
with halogen bridges along all twelve edges of the octahedron (Fig. 6.31b). This 
is remarkably similar to the [Nb,Cl,,]+ cluster compound shown in Fig. 6.3d, 
but since £-PdCl, is soluble in benzene the structure appears to be covalent and 
stabilized largely by halogen bridges rather than by metal-metal bonding. 


2609 З 


(a) a-(PdCL), (b) /-(РаС1), 
Fig. 6.31 


An important reaction occurs between PdCl, and olefines. In the case of 
ethylene, the complex [C;H,PdCL], is formed, and this is decomposed by 
water giving acetaldehyde : 


C,H, + Расі, + H,O ^ СН;СНО + Pd + 2HCI 


With propene CH,.CH=CH,, the product is acetone. Both of these reactions 
are of commercial importance. If the reaction is carried out in acetic acid, ethy- 
lene is converted to vinyl acetate. Though this is not a commercial process 
because of corrosion problems and difficulty in catalyst recovery, it has led to a 
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study of palladium(II) acetate [Pd(CH,COO),],. This has an unusual struc- 
ture, comprising three metal atoms in a triangle, held together by six bridging 
acetate groups. 

A number of complexes such as Magnus’ green salt [Pt(NH,),]?*{PtCl,]**, 
[Pd(NH,),]?+[Pd(SCN),]?- and [Cu(NHj)P*[PtCI,]- are known where 
square planar anions and cations are stacked on top of each other. The metal 
atoms in adjacent units may interact with each other giving weak metal-metal 
bonds. Evidence for this is that if the anion and cation contain Pt(II) they are 
colourless, pale yellow or pale red individually, but when stacked together they 
show an unusual iridescent green colour. They also show increased electrical 
conductivity. [Pt(ethylenediamine)CI,] is stacked in a similar way (Fig. 6.32). 


Fig.6.32 stacks of square planar [Pt(ethylenediamine)Cl,] molecules. 


А complex K,Pt(CN).Bro.,.3H,O shows one-dimensional metallic conduc- 
tion. The square planar [РЕ(СМ), ]2- units are stacked on top of each other, and 
the filled d, orbitals overlap giving a delocalized band along the Pt chain. In the 
absence of Br, this band would be full, but the Br act as electron acceptors, 
removing on average 0-3 electrons from each [Pt(CN),]?- unit. Thus the dz 
band is only $ filled, and hence is metallic (Fig. 6.33). 


(III) State 


Few МІ(Ш) compounds are known. Oxidation of Ni(OH), in alkaline 
solution with Br, gives Ni,O,.2H,O as a black solid, which decomposes to 
_ NiO on dehydration. If Ni is fused in NaOH and oxygen bubbled through, 

sodium nickelate (Ш) Na[Ni'!O,] is formed. The (+Ш) state can be stabilized 
in complexes such as [Ni""(PEt,),Br,] апа [Мін (ethylenediamine),C1,]Cl. 

It is doubtful if Pd(III) or Pt(III) exist. Hydrated oxides may be known, but 
PdF, which is known as a stable solid has recently been shown to be a mixed 
valency compound Pd+[PdF,]?- containing Pd(II) and Pd(IV). Complexes 
which are apparently in the (III) state such as [Pt(ethylenediamine)Br,] and 


[Pt(NH;),Br5] consist of chains of alternate square рі i 
t(II) units and 
octahedral Pt(IV) units (Fig. 6.34). ED 
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Fig. 6.34 Structure of [Pt(NH;),Br,]. 
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(IV) State 


Ni(IV) is rare. The hydrated oxide is made by powerful oxidation of Ni?* in 
fused alkali, and the product oxidizes Mn? > MnO,- and decomposes water. 
The complex K.;[ Ni'"F,] is known, but is rapidly hydrolysed by water. 

PtO, is known as an anhydrous and a hydrated oxide, but PdO, is only 
known in the hydrated form. The anhydrous oxide is insoluble, but the hyd- 
rated form dissolves in acids and alkalis. All four halides РіХ, are known, but 
Pd only forms the fluoride. Direct reaction of Pd and F, gives PAF, and PdF, 
whilst Pt gives PtF,, PtF, and PtF,. PtCl, is formed either by direct reaction, 
or by heating H,[PtCl,]. 


H,PtCI] + рс, + 2HCI 


Pt aqua regia 


Pd(IV) forms a few octahedral complexes [Pd.X,]?- where X = Е, Cl or Br, and 
[PdX,,(NH,),]. These are generally reactive, and [PdF,]?- hydrolyses rapidly in 
water whilst the other halide complexes are decomposed by hot water giving 
[Ра!Х‚]?— and halogen. In contrast Pt(IV) forms a very large number of very 
stable octahedral complexes. These range from [Pt(NH,),I**, [Pt(NH,),Cl]*, 
[Pt(NH,),Cl,]** . .. to [PtCI,]?-. Similar series exist where NH, is replaced by 
various amines, and CI can be replaced by other halogens, NO,~, SCN- and 
OH-. Some of these were studied by Werner in the early studies on coor- 
dination complexes (see Chapter 8). Chloroplatinic acid is formed when Pt dis- 
solves in aqua regia or concentrated НСІ saturated with CL, and can be ob- 
tained as red crystals of formula H,{PtCl,].2H,O. The sodium or potassium 
salts are a common starting material for making other Pt compounds. 
Platinized asbestos is made by soaking asbestos in a solution of chloroplatinic 
acid, followed by strong heating to decompose the complex. 

Platinized platinum, or platinum black electrodes are often used for conduc- 
tivity measurements, and are made by electrolysing hexachloroplatinates 
[PtCI,?-. Platinum is unusual in that it forms alkyl derivatives by a Grignard 
reaction. 


РІСІ, + CH;MglI > {(CH,),Ptl], 


Reports of [(CH,),Pt], are incorrect, and the compound formed was actually 
[(CH;),Pt.OH],. The Pt-C bond is very stable. These organo derivatives exist 
as tetrameric solids in which Pt is six coordinate, and they are soluble in 
organic solvents. 


(+V) and (VI) States 


These are only found for Pt, and are rare. The (+V) state is represented by 
PtF,, which is tetrameric and has the same structure as many transition metal 
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pentafluorides (Fig. 6.3a). The compounds PtO, and PtF, are the only ex- 
amples of the (-- VI) state which are known to exist for certain. 


Extraction 


Nickel occurs as NiS, NiAs,, NiSb and up to 596 in a form of iron sulphide 
called pyrrhotite. The extraction of Ni is complicated by the presence of other 
metals, but sulphides are roasted with air and converted to oxides, which are 
reduced to the metal by carbon in a smelter. Ultra-pure Ni was formerly made 
by the Mond process involving the formation and thermal decomposition of 
Ni(CO),. Nickel forms important alloys with steel, copper and aluminium. It 
improves both the strength of the steel and its resistance to chemical attack. 
Nickel is extensively used as a base metal in its own right. Certain alloys such 
as the Nimonic series (7596 Ni with Cr, Co, Al and Ti) are used in gas turbine 
and jet engines where they are subjected to high stresses and high tem- 
peratures, whilst others such as Hastelloy C are used for their corrosion 
resistance. 


Horizontal Comparisons in the Iron, Cobalt and Nickel Groups 


The ferrous metals Fe, Co and Ni show horizontal similarities and differ 
from the platinum metals in that they are much more reactive; the reactivity 
decreases Fe + Co — Ni. Although the maximum oxidation states are 
Fe(+VI), Co(+IV) and Ni(+IV), they rarely exceed a valency of (+III). The 
tendency to trivalency decreases across the period. Fe?* is the usual state but 
Co?* is a strong oxidizing agent unless complexed, and nickel is divalent in all 
its simple compounds. The lower valency states exist as simple ions. The ele- 
ments are relatively abundant. 

The platinum metals Ru, Rh, Pd and Os, Ir, Pt are much more noble than 
the ferrous metals, and are little affected by acids. The reactivity of the metals 
increases from Ru — Pd and Os — Pt, which is the opposite of the trend in the 
ferrous metals. The halogens react at high temperatures only and bring out the 
higher valencies, e.g. OsF,, IrF,, PtF,. The lower valency states are unstable 
except in complexes, and few simple ions exist. Because of the lanthanide con- 
traction, the second and third rows of transition elements are similar. Since 
their atomic volumes are almost the same, the densities of Os, Ir and Pt are al- 
most double the values for Ru, Rh and Pd. All six elements are rare. 

Both the ferrous metals and the platinum metals are typical transition ele- 
ments, and are characterized by coloured compounds, variable valency, 
catalytic properties and an ability to form coordination compounds. The dif- 
ferences between the two groups, namely increased stability of higher oxidation 
states, disappearance of simple ionic forms and increased nobility, are the nor- 
mal changes expected in a vertical group. 
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Copper Group (Currency Metals) (Table 6.22) 


TABLE 6.22 
Element Electronic structure Oxidation states* 
Copper Cu [Ar] 3d" 4s! I H II 
Silver Ag [Kr] 4d" 55! р! а HT 
Gold Au [Xe] 4f 5d!° 6s! I (ID ш 


* See p. 154. 


Oxidation States 


The elements Cu, Ag and Au show oxidation states of (+I), (+II) and 
(+III), but the only simple hydrated ions found in solution are Cu2+ and Agt. 
The univalent ions Cu* and Au* disproportionate in water, and consequently 
only exist as insoluble compounds or complexes. Си(+Ш), Аг(+Ш) and 
Ag(+II) аге so strongly oxidizing that they reduce water and only occur when 
stabilized in complexes, or as insoluble compounds. 


Reduction Potentials 


Oxidation states 


+11 +11 ESI 0 
2 Ў * $ 
cuore EE ы e a битово т. 
0-34 
Ag0* (2.1) Адн 1-98 Agt 0-80 m 
AUS 1-41 ree 1-68 n 


E 1-50 | 


* Disproportionates 


General Properties 


The metals in this group have the highest electrical and thermal conduc- 
tivities known. The atoms of these metals (Table 6.22) have one s electron in 
their outer orbital, but differ from Group I elements in that the penultimate 
shell has ten d electrons. The poor screening by the d electrons makes the 
atoms of the copper group much smaller in size, and the ionization energies are 
consequently higher (Table 6.23). 

Apart from the high electrical conductivity of both groups, there are few 
similarities. Group I metals, which are at the top of the electrochemical series, 
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TABLE 6.23 
Covalent Ionic radius Ionization energy М.рі. Abundance in 
radius M* (kJ mol-') earth's crust 
А А Fst" 2nd" “3г@” ес р.р.т. 
Си 1-17 0-93 745 1959 3551 1083 70 
Ар 1-34 1-21 731 2123 3830 961 0-1 
Au 1:34 1-37 889 1939 2943 1063 0-005 


are the most reactive in the periodic table, whilst the currency metals are un- 
reactive and below hydrogen in the electrochemical series. The nobility increases 
from Cu > Ag > Au. Cu is inert to non-oxidizing acids, but reacts with HNO, 
and H,SO,. 


dilute 


3Cu + 8HNO, ——» 2NO + 3Cu(NO,), + 4Н,О 


Cu+4HNo, "EUH, ZNO, + Cu(NO,), + 2Н,0 
Ag will dissolve in concentrated HNO, and hot concentrated H,SO,, but Au is 
inert to all acids except aqua regia (HCI/HNO, mixture). The HNO, acts as an 
oxidizing agent and the chloride ions as a complexing agent. Cu reacts with 
oxygen, but Ag and Au are inert 


red heat higher temperature 
Cu4 О, —“ ae спо +0, 


Cu and Ag react with H,S and 5, but Au does not. All three metals react with 
the halogens. Simple compounds of Au decompose to the metal quite readily, 
those of Ag can be reduced fairly easily, and those of Cu less readily. 

For metals to react, an atom must first be removed, then ionized. A high 
heat of sublimation and a high ionization potential will reduce reactivity, 
though this may be partly offset by the energy gained with the ion is hydrated. 
Comparing copper and potassium, copper has a much higher melting point 
(hence a higher heat of sublimation), and because of the increased nuclear 
charge in copper, the orbital electrons are more tightly held (hence a higher 
ionization energy). The heat of hydration cannot offset these large amounts of 
energy, and so potassium is much more reactive than copper. 

Group I oxides and hydroxides are strongly basic, and are soluble in water, 
although the copper group forms insoluble weakly basic oxides. Compounds of 
the sodium group all contain simple colourless univalent ions and only form 
complexes with very strong complexing agents. The copper group elements 
show variable valency, the most common oxidation states being Си(+П), 
Ag(+I) and Аи(+Ш), and the three elements differ widely in their chemistry. 
Their compounds are mainly coloured and they show a strong tendency to 
form coordination complexes. 
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(+1) State 


In the (+I) state most of the simple compounds and complexes аге 
diamagnetic and colourless, as a consequence of the d? configuration with a 
complete electronic shell. Cu,O is a notable exception and is yellow or red. it 
might be expected that the (+I) state would be the most common and most 
stable because of the extra stability resulting from a full d shell. Although Ag* 
is stable in both the solid state and solution, Cu* and Au* disproportionate in 
water. 


2+ 

2Си+ = Cut + Cu K= H] 1.6 х 105 
{Cut}? 
» 

3Autz Aut + 2Au К AU] ыл. хло 
{Aut}? 


From the equilibrium constants it is obvious that in solution Cu* is rare and 
Au* virtually nonexistent. The only cuprous and aurous compounds that are 
stable to water are present as complexes, or are insoluble, so that the con- 
centration in solution is very low. Cuprous thiocyanate is an example of an in- 
soluble Cu(--I) compound and is used to estimate copper gravimetrically 


2Cu?* + SO,”  2CNS- + H,O + 2Cu'CNS + SO,- + 2H* 


Cu? is reduced to cuprous oxide Си,О by the action of sugars on Fehling's 
solution (an alkaline solution of copper(II) tartrate, made from CuSO,, NaOH 
and Rochelle salt-sodium potassium tartrate). Cu,0 is a basic oxide and reacts 
with the halogen acids giving the insoluble CuCl, CuBr and Cul. CuF is not 
known. CuCl and CuBr are usually made by boiling an acidic solution of 
CuCl, or CuBr, with excess Cu giving the ions [Cu!Cl,]- and [Cu!Br,]- which 
on diluting gives white CuCl or yellow CuBr. 

Iodide ions reduce Cu?* to cuprous iodide Cul and iodine. This reaction is 
used to estimate copper volumetrically, since iodine is easily titrated with 
sodium thiosulphate. 


2Cu?* + 41- ^ 2Cul +1, 


The cuprous halides will dissolve in strong HCl, in HNO, and in solutions 
containing an excess of halide ions forming complexes such as [CuCl,]-, 
[CuCl,?- and [CuCl]. 

Cyanide complexes are well known, and can be used to extract silver and 
gold, the metals then being recovered from the complex by reduction with zinc. 


4Au + 8CN- + 2H,O + O, ^ 4[Au\(CN),]- + 40H- 


Two-coordinate complexes such as [Au(CN);]- have a linear structure. 
Cyanide ions may act as both a reducing agent and a complexing agent. Thus 
adding KCN to a CuSO, solution first precipitates cuprous cyanide, which is 
soluble in excess of cyanide forming a four-coordinate tetrahedral complex. 
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2Си?* + ACN- > (CN), + 2Cu*CN- 


cyanogen 
CuCN + 3CN- > [Cu(CN),]*- 


Cuprous chloride CuCl in hydrochloric acid is important because it forms 
complexes with carbon monoxide, but cuprous chloride in ammonia is also 
used to absorb carbon monoxide, and also forms complexes with olefines. The 
cuprous halides are partly covalent and have zinc blende structures with tetra- 
hedrally coordinated Cut ions. In the vapour CuCl and CuBr are polymeric, 
the main species being a six-membered ring. 

Ag(+I) is the most important state for silver, and many simple ionic com- 
pounds are known containing Ag*. The salts are generally insoluble in water, 
the exceptions being AgNO,, AgF and AgClO,. 

AgNO, is one of the most important salts. Ag,O is mainly basic, dissolves in 
acids, and when moist absorbs carbon dioxide to form Ag,CO,. Since Ag,O 
dissolves in NaOH it must have slight acidic properties too. Except for AgF, 
the silver halides are insoluble in water. AgCl is soluble in dilute ammonia and 
AgBr in 0-880 ammonia, and both form the ammine complex [NH, > Ag < 
NH,I*, which is linear. Sodium thiosulphate forms a soluble complex with sil- 
ver halides [Ag(S,0,),]?- and this is important in the fixing of photographic 
plates. Ag* forms a great variety of complexes, and most simple ligands result 
in two coordination and a linear structure. The halide complexes of Cut and Ag+ 
are unusual because the stability sequence is I > Br > Cl > F, whilst for most 
metals the sequence is the reverse. Ligands capable of л bonding, such as 
phosphine derivatives, may form both two- and four-coordinate complexes. 

Au(+I) is less stable, but is known as the oxide Au,O, halides AuX, and 
linear complexes such as [NC-Au-CNI-, [CI-Au-CI]- and [R;P-Au-CH,]. 


(+1) State 


The (+1) state is the most stable and important 
for Cu. The cupric ion Cu?* has the electronic 
configuration d? and has an unpaired electron. Its 
compounds are therefore coloured and paramag- 
netic. CuSO,.5H,O and many hydrated cupric 
salts are blue. The hydrated ion [Cu(H,O),]** has 
a distorted octahedral shape, with two long bonds 
and four short ones (Fig. 6.35). The distortion 
occurs because the d; orbital is doubly occupied, 
whilst the d,_y: orbital is only singly occupied, К F 
and this prevents the ligands approaching along w fa) Deo dii 
the +z and —z directions from coming as closeto bonds in a square planar 
the copper as those approaching along +x, —x, arrangement, and two long 
+y and —y. (See Chapter 8, Jahn-Teller distortion.) trans bonds. 
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This distorted octahedral arrangement is common in copper compounds, for 
example the halides CuX, have a distorted rutile (TiO) structure with a coor- 
dination number of six, and the bond lengths are: 


CuF,  4bonds 1-93 A and 2 bonds 2-27 Å 
CuCl, 4bonds 2-30 À and 2 bonds 2-95 А 
CuBr, 4bonds 2-40 Å and 2 bonds 3-18 А 


Aqueous Cu?* solutions form many complexes with amines, ranging from 
(Cu(H,0);NH,]**+,  [Cu(H,0),(NH,),]?+,  [Cu(H,0),(NH,),]?* апа 
[Cu(H,0),(NH,),]**+. Using liquid ammonia as solvent, it is possible to make 
[Cu(NH,),]’*. Similarly with the bidentate ligand ethylenediamine (en) the 
complexes [Cu(en)(H,O),]?+, [Cu(en),(H,O),]?+ and [Cu(en),]?+ are formed. 

The halide complexes show two different stereochemistries. In (NH,),- 
[CuCl,] the [CuCl]? ion is square planar, but Cs,[CuCl,} and Cs,{CuBr,] 
have [CuX,]?- ions that have a slightly squashed tetrahedral shape. 

The anhydrous salts of CuF, and CuSO, are white because the ligands are 
weak and do not cause a big ligand field splitting of energy levels, but virtually 
all Cu(+II) complexes and compounds are blue or green, though tetrahedral 
[CuCl,]?- ions are orange and square planar [CuCI,]?- ions are yellow. 

Two unusual compounds are anhydrous copper(II) nitrate and hydrated 
copper(II) acetate. For many years it was thought that the absence of anhyd- 
rous nitrates of the transition metals was because nitrates decomposed on heat- 
ing. It is now known that water is a stronger ligand than the nitrate group, and 
so a hydrated nitrate prepared in aqueous solution will lose nitrate groups 
rather than water on heating. Using a non-aqueous solvent such as liquid NO, 
many anhydrous nitrates have been prepared. Cu metal dissolves vigorously in 
a solution of N,O, in ethyl acetate, from which Cu(NO ), . N,0, is crystallized. 
This has the structure NO*[Cu(NO)),]-. Heating to 90° gives blue anhydrous 
Cu(NO,),, which can be sublimed at 150-200 °C. The crystal structure of one 
of the two solid forms shows infinite chains of Cu and NO,- groups, each Cu 
forming two short Cu-O bonds (1-9 A), and the Cu is coordinated to six more 
oxygen atoms in other chains forming longer bonds (2-5 A), making Cu eight 
coordinate (Fig. 6.36). In the vapour, Cu(NO;), is monomeric. Copper(II) 
acetate is dimeric Си, (СН,СОО), .2H,O. The structure (Fig. 6.37) consists of 
Copper surrounded in a square plane by four oxygen atoms of the bridging 
acetate groups. In addition, each copper has a water oxygen atom bonded to it, 
and a Cu atom occupies the sixth of the octahedral positions giving a Cu-Cu 
distance of 2-64 А. This is longer than the distance of 2-55 A found in metallic 
Copper and is an ‘interaction’ rather than a metal-metal bond. The magnetic 
moment is 1-4 BM per Cu atom, rather than the spin only value of 1-73 BM, 
indicating that there is weak coupling of the unpaired spins on the two Cu 
atoms. This is thought to involve lateral overlap of the 3d,2_,: orbitals on the 
Copper atoms, and is sometimes called б bonding. A number of other carboxy- 
lic acids form similar compounds. 
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Fig. 6.36 The crystal structure of one form of anhydrous Cu(NO,), (S. C. Wallwork, 
Proc. Chem. Soc. (London) 34, 1959). 


Ag(+II) is known as the fluoride AgF;, which is a strong oxidizing agent, 

and a good fluorinating agent rather like СоЕ,. It decomposes on heating 
AgF, "> AgF+4F; 

It is more stable in complexes such as [Ag(pyridine),]^*, [Ag(dipyridyl);]?* and 
[Ag(ortho-phenanthroline);]?* which form stable salts with non-reducing anions 
such as NO,- and CIO,-. They are usually prepared by persulphate oxidation 
of Ag* and are square planar and paramagnetic. The compound AgO formed 
by strong oxidation of Ag,O is diamagnetic and does not contain Ар(+11), but 
is mixed oxide Ag'Ag'0,. 


Ag, o persulphate Agi o 


Fig. 6.37 Structure of (Cu(CH,.COO),.H,0),. 
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Au(+II) probably occurs in dithiolene compounds 


l Au 
/ 


and in [Au(B,C; H,;),"-, but otherwise it only exists as a transient intermediate. 


(III) State 


The (+III) state is uncommon for Cu and Ag. In alkaline solution Cu?* can 
be oxidized to К.Си!!О„, and if a fused mixture of КСІ/СЫСІ, is fluorinated, 
K,[Cu'F,] is formed. The strongly oxidizing periodate ion (H,IO,) forms 
K,Cu"(IO,),.7H,0. A fused mixture of alkali metal halide and silver halide 
can be fluorinated to form M*+{Ag™F,]-, and electrolytic oxidation of Ag* can 
give impure Ар,О),. Oxidation of alkaline Ag,O with persulphate gives the 
mixed oxide Ag'Ag'O,, and persulphate in the presence of periodate or tellur- 
ate ions gives compounds such as K,H[Ag"(IO,),] and Na,H,[ Ag!" (TeO,),]. 
These compounds are all unstable and are strong oxidizing agents. 

Au(III) is the most common state for gold. There are few simple com- 
pounds, and these do not contain Au* ions. They give the metal quite readily 


[Au'ICI]- + ОН- + Au(OH), “WS, juo, 19°С, Адо +0, 
All the halides AuX, are known. AuCl, is made from the elements, or by dis- 
solving gold in aqua regia and evaporating. 


Au + HNO, + HCI + H[AuCl,] + AuCl, 


The bromide is made from the elements and the iodide is made from the 
bromide, AuF, can only be formed with a strong fluorinating agent 


Au + BrF, > AuF, 


The fluoride is made up of square planar AuF, units linked into a chain by cis 
fluoride bridges. The chloride and bromide are dimeric. 


CI AOE CI 


Hydrated gold oxide is amphoteric, and dissolves in alkalis to give salts such as 
sodium aurate NaAuO,.H,O, and in strong acids to give H[AuCl,], 
HÍAv(NO)) and H[Au(SO,),]. Cationic Аш(+Ш) complexes are also known, 
ер. [Au(NH;),](NO;), which is square planar. The complexes are generally 
Square planar, and more stable than the simple compounds. The dialkyls 
R,AuX where X = Cl-, Br-, CN~, SO,2- are stable organometallic compounds 
with strong Au—C bonds. The halides are dimeric and the cyanides tetrameric. 
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Extraction and Uses of the Elements 


Copper occurs to the extent of 70 p.p.m. in the earth’s crust. The most com- 
mon ore is chalcopyrites CuFeS,, but other sulphides Cu,S and CuS, the basic 
carbonate malachite CuCO,.Cu(OH), and arsenide ores Cu,AsS, are also 
found. The sulphide ores often containing 0-4—696 Cu are concentrated and 
roasted with air. 


CuFeS, Cu,S + Fe,0, + SO, 


2 
1400-1450 °C 
Sand is added to remove the iron as iron silicate slag Fe;(SiO;); which floats on 
the surface. The liquid matte of Cu,S with some FeS and silica is partly oxi- 

dized by blowing air through. 


2FeS + 30, ^ 2FeO + 280, 
FeO + SiO, + Fe,(SiO,), 
Cu,S + O, + Cu,0 + SO, 
and then self-reduction of the oxide and sulphide occurs 


Cu,S + 2Cu,0 + 6Cu + SO, 


The impure ‘blister copper’ is 98-99% pure, and is cast into blocks and refined 
electrolytically in tanks containing dilute H,SO, and CuSO, Alternatively, 
lean ores are weathered and leached with water or dilute H,SO, and the copper 
displaced from the resulting copper sulphate solution by scrap iron. 

Over seven million tons of copper ore are used annually in the western 
world, The metal is used in the electrical industry because of its high conduc- 
tivity, and for water pipes because of its inertness. Over 1000 different alloys of 
copper exist including brass (Cu/Zn with up to 40% Zn), so-called nickel silver 
(55-65% Си, 10-18% Ni, 17-27% Zn) and phosphor bronze (Cu with 1-25— 
10% Sn and 0-3596 P). Several copper compounds are used in agriculture. Bor- 
deaux mixture (basic copper hydroxide, made from CuSO, and Ca(OH),) is 
important in preventing fungus attack of the leaves of potatoes (potato blight) 
and vines. Basic copper carbonate, copper acetate and copper oxychloride 
have also been used. Paris Green is an insecticide made from arsenious oxide, 
basic copper acetate and acetic acid. 
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Zinc is used to extract silver by solvent extraction from molten lead in 
Parke’s process, and silver and gold are extracted by making soluble complex 
cyanides. 


Zine Group (Table 6.24) 
TABLE 6.24 
В 
Element Electronic structures Oxidation states* 

Zinc Zn [Ar] 3d"? 452 п 

Cadmium Cd [Kr] 4d" 5s? п 

Mercury Hg [Xe] 4f* 5019 652 Im 
RI VV VV—— a йүз ШЫДА ДЫНА ААА 

* See р. 154. 


Oxidation States 


The elements in this group all have two s electrons beyond a completed d 
shell. Removal of the s electrons results in divalent compounds, and the (+1) 
oxidation state is characteristic of the group. Hg(+I) is important, but mer- 
curous compounds are dimerized. Mercurous chloride is therefore Hg,Cl, and 
contains [Hg—Hg]*+ ions. In these, the two Hg+ species which have a 65! con- 
figuration, are bonded together using their s electrons, and the compound is 
therefore diamagnetic, The univalent ion Hg* does not exist. Unstable species 
Zn;^* and Cd;?* have been detected in fused mixtures such as Cd/CdCl,, and 
Са/Сасі,/АІСІ,, and a yellow compound [Cd,][AICI,], has been isolated, 
which disproportionates instantly in water 

[Cd,I?* + Cd?* + Cd 
The normal trend is that on descending a group the bonds become weaker 
because the orbitals are larger and more diffuse, and overlap less effectively, 
but here the trend is the reverse since the Hg-Hg bond is much stronger than 
the Cd-Cd bond. This is because the first ionization energy of Hg is much 
higher than for Cd, hence Hg shares electrons more readily. 

Valencies higher than two are not found, because removal of more electrons 
would destroy the symmetry of a completed d shell. 


Reduction Potentials (in Acid Solution) 
Oxidation state 


+1 O H O + + [0] 
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Size 

The covalent radii show that the atoms are smaller than the corresponding 
elements in Group II before the transition series. The ionic radii are also smal- 
ler. There is some doubt whether the effect of the lanthanide contraction is still 
felt. The Goldschmidt ionic radii show Cd?* and Hg?* as almost equal in size, 
but the Pauling values show a steady increase in the size from Zn?+ + Cd?* > 
Hg?+. The chemical evidence is that Cd and Hg are dissimilar, and the 
difference in reduction potentials favour the Pauling values. 


Ionization Energies 


The first ionization energy for these elements (Table 6.25) is considerably 
higher than for the corresponding Group II elements, because the atoms are 
smaller and the filled d level is poorly shielding. The filled 4f shell in Hg further 
increases the binding energy of the outer electrons, and the first ionization 
energy for Hg is greater than for any other metal. The second ionization 
energies are high, but M?* ions are known for all three elements since the sol- 
vation or lattice energy is sufficient to offset this. Mercury tends to form cova- 
lent compounds. The third ionization energies are so high that (+III) com- 
pounds do not exist. 


TABLE 6.25 
Ionization energy Covalent Ionic radii M?^* M.pt. Promotion Abundance 
kJ mol"! radius a energy in earth's 
Pauling Gold- 52 — 51р! crust 
schmidt 
Ist 2nd 3rd A A A °С kJmol! p.p.m. 
Zn 906 1733 3831 1-25 0-74 0-69 420 433 132 
Cd 876 1631 3616 1-41 0-97 0.92 321 408 0-15 
Hg 1007 1810 3302 1:44 1-10 0-93 —38 524 0.5 
General Properties 


Since the d shell is complete, and is not available for bonding, the elements in 
this group show few of the properties associated with typical transition ele- 
ments. They do not show variable valancy, and since they have a d 10 con- 
figuration they cannot produce d-d spectra and many of their compounds are 
white. The metals are relatively soft compared with the other transition metals, 
probably because the d electrons do not participate in metallic bonding. 

The melting and boiling points are very low and this explains why the metals 
are more reactive than the copper group, even though the ionization energies 
for the two groups suggest the reverse. (Nobility is favoured by a high heat of 
sublimation, a high ionization energy and a low heat of hydration.) Mercury 
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is the only metal which is liquid at room temperature, and this is due to the 
very high ionization energy making it difficult for electrons to participate in 
metallic bonding. 

Similarities between Group II elements with an electronic structure —s? and 
the zinc group —d'^s? are slight. Both groups are divalent. The hydrated sul- 
phates are isomorphous, and double salts such as K,SO,.HgSO,.6H,O are 
analogous to K,SO,.MgSO,.6H,O. However, the zinc group is more noble, 
more covalent, has a much greater ability to form complexes and is less basic. 

The reactivity decreases Zn > Cd > Hg as shown by their reduction poten- 
tials, and mercury is in fact quite noble. Thus zinc and cadmium react with 
dilute acids liberating H, but mercury is only soluble in oxidizing acids. Zinc is 
fairly readily soluble in alkalis and form zincates (formulated Na,[Zn(OH),], 
Na[Zn(OH),.H,0] or Na[Zn(OH),.(H,0),]) which are rather like aluminates. 

Unlike the rest of the d block elements, where the second and third row ele- 
ments are very similar in chemical properties and differ from the first element, 
in this group Zn and Cd are very similar and differ considerably from Hg. 
Thus Zn and Cd are electropositive metals. Zn?* + 2e > Zn E? = —0-76 V, 
Cd?* + 2e + Cd E? = —0-40 V, but Hg?* + 2e + Hg has a positive E? value 
of +0-85 V and Hg is noble. The chlorides of Zn and Cd are ionic, but НЕСІ, 
is covalent. The energy to promote an s electron to a p level prior to forming 
two covalent bonds decreases from Zn + Cd, but rather surprisingly increases 
from Cd + Hg. When the elements form complexes, Zn and Cd increase their 
coordination number to four, five or six, but Hg only does so with difficulty, 
and two coordination is the most common for Hg. 

Zinc is an important metal in biological processes, and has been found 
associated with proteins and enzymes in the body. These include phosphatases 
(energy release), dehydrogenases and aldolases (sugar metabolism) and pep- 
tidases (protein metabolism). 


Oxides 


Basic properties increase within the group, ZnO being amphoteric, but CdO 
and HgO basic. All three oxides are formed by direct combination of the ele- 
ments or by thermal decomposition of the nitrates, and since ZnO and CdO 
sublime, they must be appreciably covalent. HgO does not sublime since it 
decomposes on heating. 


heat 
2 
HgO TON 2Hg + O, 


The thermal stability of the oxides thus decreases Zn > Cd > Hg. 

Zinc oxide is yellow when hot, but white when cold. Cadmium oxide may be 
yellow, green or brown at room temperature, depending on its previous heat 
treatment, but is white at liquid air temperature. These divalent compounds 
have a complete d shell, and their colour is due to defects in the solid structure. 
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The number of defects increases with temperature and is zero at absolute zero. 
Addition of a base to a solution of the salts precipitates Zn(OH),, Cd(OH), 
and a yellow form of HgO, which has a smaller particle size but the same 
crystal structure as the more common red form. Zn(OH), is amphoteric, and 
dissolves in excess NaOH forming zincates, but both Zn(OH), and Cd(OH), 
dissolve in excess ammonia giving ammine complexes. 


Halides 


Zinc salts are usually hydrated and the halides are hygroscopic. When they 
dissolve in water [Zn(H;,O),I?* ions are formed. ZnCl, is extremely soluble in 
water, where it forms a variety of species: [Zn(H,O),]?+, ZnCI* (hydrated), 
ZnCl,(hydrated), and [ZnCl,(H,O),]?-. 

Solutions of Zn and Cd salts are acidic, due to hydrolysis 

[Zn(H,O),]?+ + (Zn(H,O),OH]* + H+ 
Cadmium salts are less hydrated and when the halides dissolve they do not ion- 
ize completely, and may undergo self-complexing. Thus Cdl, may give a mix- 
ture of hydrated Cd?+, CdI*, Саї,, CdI,~ and CdI,?~ in solution, the propor- 
tions depending on the concentration. Mercuric salts are usually anhydrous 
and do not ionize appreciably. 

ZnF,„ CdF, and HgF, are white solids and are considerably more ionic and 
have higher melting points than the other halides. They are also much less 
soluble in water, partly because of their higher lattice energies, and partly 
because they do not form halogen complexes in solution. ZnF, has a rutile 
(TiO,) structure in which Zn?* is octahedrally surrounded by six Е- ions, but 
the larger Cd?* and Hg?* ions are eight-coordinate with a fluorite (CaF,) struc- 
ture. The other divalent halides of Zn and Cd are considered as close-packed 
arrays of halide ions, with Zn?* ions occupying one quarter of the tetrahedral 
holes, and Cd?* occupying half the octahedral holes. They form layer lattices, 
in which Cd?* ions occupy all the octahedral holes in one layer, and none in the 
next, illustrating that it is not completely regular and ionic (see crystal struc- 
tures in Chapter 2). The mercury halides form covalent lattices containing 
linear X-Hg-X molecules. 


Complexes 


The elements all form complexes readily with cyanide ions, ammonia and 
amines, halide ions and many other ligands. The stability of Hg(+II) com- 
plexes is much greater than that of the other two elements. This is unusual 
because smaller ions usually complex best. Coordination numbers of 2, 4, 5 
and 6 are known in complexes. Two-coordinate complexes are rare, but 
[Hg(NHj,ICL contains the linear [H,N-Hg-NH,|^ ion. Many four- 
coordinate complexes are known: [M(NH,),]?+, [Zn(pyridine),Cl,] and 


386 


[Cd(pyridine),CL;]. and halide complexes such as K,{HglI,]. The latter is used 
as Nessler’s reagent for the detection and quantitative estimation of ammonia 
in solution, since it forms a yellow colour or brown precipitate with con- 
centrations as low as 1 part per million of NH,. Mercury(II) chloride in 
solution is mainly HgCl,, but [HgCl,]?- can be formed. The four-coordinate 
complexes are all tetrahedral. In the Hg complexes, two ligands are held more 
strongly than the others, and some ammine complexes lose ammonia in the 
solid. 
[Hg(NH,),](NO,), + [Hg(NH,),](NO,), + 2NH, 


Five-coordination is not common, examples being [CdC1,] апа 
[Zn(terpyridyl)Cl,], which have a trigonal bipyramidal shape. Zn and Cd form 
a number of six-coordinate octahedral complexes such as [M(H,0),|?*, 
[IM (NH, [М (ethylenediamine),]?+ апа [Cd(ortho-phenanthroline),]?*, 
though Hg forms very few six-coordinate complexes. Zinc forms basic zinc 
acetate, (CH,COO),.Zn,O, a complex very like basic beryllium acetate both 
in structure and properties (see Fig. 6.38). The zinc complex hydrolyses more 
readily than the beryllium complex, since zinc can increase its coordination 
number to six. 


Zn 
AC 
Ас 
Zn Уп 
AC Ас 
Zn 
Fig. 6.38 


Mercuric sulphate forms a red complex when treated with a protein and 
Sodium nitrite; this is the basis of Millon’s colour test for proteins. 


Mercury(+1) Compounds 


Relatively few mercurous compounds are known. All four halides are 
known. [Hg,]F, is hydrolysed by water 


[Hg;]F; + H,O — 2HF + [Hg;] (OH), 
unstable 


Сне (он), орны, igno He? + H,O 
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The other three halides are insoluble in water. The nitrate [Hg,] (NO,),.2H,O 
is soluble in water, and contains the linear [H,O-Hg-Hg-OH,P^* ion, and 
[Hg,](ClO,),.4H,O is also soluble. No oxide, hydroxide or sulphide is known. 
The reduction potentials Hg?+ + Hg 0-85 V, and [Hg,]?* + Hg 0-79 V are so 
close that oxidizing agents like HNO, will convert Hg to Hg?* if the oxidizing 
agent is present in excess. The reduction potential diagram shows that [Hg,]?* 
is stable to disproportionation by a small margin under standard conditions. 


Hg? +Hg>Hg,2* £°=0-13V 
The equilibrium constant K for the reaction can be calculated: 


RT 
E=—\Ink 
nF 


concentration Hg,?* 
к= солаш раза арргох. 170 
concentration Hg?* 


Thus solutions of mercurous compounds contain one Hg?* ion for every 170 
[Hg;]?* ions. If a reagent removes Hg?* from this mixture, by forming an in- 
soluble compound, or a complex, then the equilibrium between [Hg,]* and 
Hg?* is upset, and mercurous ions disproportionate to Hg^* and Hg. The ab- 
sence of a number of compounds such as hydroxides and sulphides is because 
the reagent precipitates Hg?*, thus lowering the concentration of Hg?*, and al- 
lowing disproportionation to occur. Conversely, mercurous compounds can be 
made by heating mercuric compounds with at least a 5096 excess of Hg 


HgCl, + Hg > [Hg,]**Cl, 


In qualitative analysis the presence of Hg,Cl, is confirmed by the formation 
of a black precipitate when treated with NH,OH. The dark residue may be 
Hg(NH,),Cl,, HgNH,Cl or Hg,NCI.H,O or a mixture of all three together 
with Hg. 

Mercurous ions form few complexes, mainly because of the large size of the 
ions, and because most ligands cause disproportionation. 

Mercury is unique in ће Hg(+I) state in that it consists of two directly 
linked metal atoms. The mercurous ion thus has the structure [Hg—Hg]?*. 
Evidence for this comes from a number of sources: 


(1) Equilibrium constant. Equilibrium constants can be measured, and pro- 
vide evidence about the species present. Mercurous compounds can often be 
made from the corresponding mercuric compound by treatment with mercury. 
If the reaction is: 


Hg(NO,), + Hg + 2HgNO, 
Hg?* + Hg > 2Hg* 
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Then by the law of mass action 
[Hg+]? : | 
[E — constant 


Experiments have shown this to be untrue. If, however: 


[((Hgj?*] 
[Hg?*] 


This has been verified experimentally, and so mercurous ions are (Hg,)**. 


Hg? + Hg > (Hg,?+ then = constant 


(2) Concentration cell. Measurement of the e.m.f of a concentration cell of 
mercurous nitrate shows that the mercurous ion carries two positive charges. 
For the cell below, the potential Е was measured and found to be 0-029 V at 
25 26. 


Hg 0-05 M 0-5 м Hg 
mercurous nitrate mercurous nitrate 
in N/10 HNO, in N/10 HNO, 
(1) (2) 


2.3038Т с, 
Е log с, 
Since R the gas constant, T the absolute temperature, F the faraday, с, апа с, 


the concentrations of the solutions are known, n the number of charges on the 
ion can be found. The value of n was two, confirming (Hg,)*+. 


E 


(3) Electrical conductivity. The conductivity of mercurous nitrate solution 
was compared with other salts. If ionization was HgNO, > Hgt + NO,, it 
should behave like Ag*NO,-. But it does not do so. The conductivity is similar 
to lead nitrate, and so by analogy: 


Pb(NO,), > Pb?* + 2NO,- 
Hg,(NO,), > (Hg,)+ + 2NO,- 


(4) Raman spectra. All metal nitrates have the same Raman spectrum, due 
to the covalent bonding in NO,-. Mercurous nitrate has an extra line in the 
Spectrum, because of the Hg—Hg bond. 


(5) Magnetic properties. All mercurous compounds are diamagnetic both in 
the solid state and in solution. Hg* would have an unpaired electron and would 
be paramagnetic, but [Hg-Hg]?* would be diamagnetic. 


(6) X-ray diffraction. The crystal structures of a number of mercurous com- 
pounds have been determined by X-ray diffraction. For example Hg,Cl, con- 
tains linear molecules CI-Hg-Hg—Cl and not discrete ions. The length of the 
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Hg-Hg bond varies in different compounds: Hg,F, = 2:51 А, Hg,Cl, = 
2.53 А, Hg,Br, = 2-49 À, Нв.1, = 2-69 À. Hg,(NO,),.2H,O = 2-54 A, 
Hg,SO, = 2-50 A. 


Organometallic Compounds 

The first organometallic compounds were prepared by Frankland in 1849. 
These are of two types (i) zinc alkyls Zn R, and (ii) alkyl zinc halides *RZn.X^. 
They were prepared 


EtI + Zn/Cu couple > EtZnI ме; Et,Zn + 211, 


The alkyl zinc halides *R Zn.X^ apparently have the structure 


R 
mno 


and are similar to Grignard reagents R MgX. 

Organo compounds of Zn and Cd are sensitive to water and air. They are 
conveniently prepared from Grignard or alkyl lithium reagents, or alkyl mer- 
cury compounds 


CdCl, + 2R МЕСІ ^ CdR, + MgCl, 
ZnCl, + 2RLi > ZnR, + 2LiCl 
Zn + HgR, > ZnR, + Hg j 
The compounds R,Zn and R,Cd react in a similar way to Grignard reagents 
and lithium alkyls, but are less reactive, allowing selective alkylation 


R;Zn + EtOH > RZnOEt + RH 


R 
R,Cd + 2CH,COCI+2 "CO + CdCl, 
H, 
A large number of organomercury compounds are known of types R,Hg 
and monomeric R HgX. They are much more stable to air and water than the 
zinc compounds, and are made by Grignard reactions 


HgCl, + RMgCI > RHgCI 
^. 
R Hg 
Arylmercury compounds may be prepared from mercuric acetate 


C,H, + (CH,COO),Hg  C,H,.HgOOC.CH, 
phenylmercuric acetate 


Organomercury compounds are important for the preparation of organometal- 
lic compounds of Groups I and II, Al, Ga, Sn, Pb, Sb, Bi, Se, Te, Zn and Cd 


R,Hg + 2Na > 2RNa + Hg 
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They are extremely toxic, and many R HgX compounds, particularly EtHgCl, 
PhHgCl and PhHgOOC.CH,, and Hg(Me), have been widely used for treat- 
ing seeds, and as pesticides and fungicides. 

Mercuric salts will add to double bonds 


HgCl, + 7C-CC + CISC-C<HgCl 


and they act as catalysts in the hydration of acetylenes. The production of 
acetaldehyde from acetylene is commercially important. 


j HO 
cH-cH -"?. сн,-снон -"?. cu, cuo 


Toxicity of Mercury 


Mercury vapour is toxic, and if inhaled can cause giddiness, tremors, lung 
damage and brain damage. In the laboratory, mercury should be covered with 
oil or toluene, and spillages treated with flowers of sulphur. Inorganic com- 
pounds such as HgCl,, Hg,Cl, and HgO are also poisonous if eaten. These 
compounds have been used for controlling the growth of slime moulds in wood 
pulp and paper making, in anti-fouling paints, as a fungicide for treating seeds 
and plants, and for treating a plant disease called club-root in Brassicas. More 
recently organomercury compounds such as Hg(Me), and MeHgX have been 
used for treating seeds against attack by fungi. Dimethyl mercury is much 
more dangerous, and causes brain damage giving numbness, loss of vision, 
deafness, madness and death. Following several alarming incidents—the eating 
of treated corn seeds in Iraq in 1956 and 1960, eating of shellfish contaminated 
with HgMe, in Japan from 1953 to 1960 and again in 1965, and the poisoning 
of all life in one of Great Lakes in North America—the problem is now better 
understood. 

There are moves to ban the use of dimethyl mercury. However, inorganic 
mercury present as Hg^* and Hg;?* can be methylated by bacteria present in 
rivers, lakes and the sea. Algae, molluscs and fish may concentrate the small 
amounts present by 10096, and they are eaten by something else and con- 
centrated again. HgMe, and Hg-Me* are both very stable and persist for a 
long time because they have a strong Hg-C bond. There are now considerable 
efforts in preventing the loss of mercury compounds in industrial effluent, par- 
ticularly from acetaldehyde and vinyl chloride monomer plants where it is used 
as a catalyst, and from the electrolytic production of NaOH and Cl, where it is 
used as the cathode. 


Extraction and Uses 


Zinc occurs in the earth’s crust to the extent of 132 р.р.т., as sphaelerite 
(ZnFe)S (which commonly occurs with galena PbS), zinc blende ZnS, 
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calamine ZnCO, and willemite Zn,SiO,. Cadmium and mercury are scarce— 
cadmium occurs as traces in zinc ores, and mercury is mined as cinnabar HgS 
mainly in Spain. 

The elements are familiar because their extraction and purification are 
simple. Zinc sulphide is roasted to the oxide and reduced by carbon at 1200 °С, 
when the zinc distils off and condenses to give zinc dust. The zinc vapour oxi- 
dizes easily, and zinc dust contains some ZnO. To minimize this, the vapour 
may be shock cooled by contact with a shower of molten lead. Any cadmium 
present can be separated by distillation. 

Lower temperature oxidation of ZnS yields ZnO and ZnSO, which may be 
dissolved and electrolysed to give pure zinc. The electrolytic process is expen- 
sive and is not used in the UK. Cadmium occurs with zinc in sulphide ores, and 
because of its position in the electrochemical series it is displaced from а 
solution of ZnSO, and CdSO, by the addition of zinc. Mercury is obtained 
from HgS by heating in air. 


HgS ^ HgO Soe Hg 

Zinc is used in large amounts (1 000 000 tons per year) in alloys such as 
brass and in galvanizing, and ZnO is used as a white pigment in paint. It is 
particularly bright since it absorbs uv light and re-emits it as white light. Zinc is 
also used in ‘dry’ batteries (Leclanche cells). Cadmium is used for 
electroplating steel, in alkaline Cd/Ni storage batteries used in diesel 
locomotives, in alloys, and CdS is an important but expensive yellow pigment. 
The more important uses of mercury are phenyl mercuric acetate and other 
organomercury compounds in agriculture, [Hg;]Cl, for treating club-root, 
HgO for antifouling paints and НЕСІ, for making organo derivatives. Other 
uses are in thermometers, in amalgams, as a detonator (mercury fulminate) 
and medicinally. 


Problems 


1. How do the following properties vary in the transition elements: 
(a) ionic character; j 
(b) basic properties; 
(c) stability of the various oxidation states; 
(d) ability to form complexes? 


2. Describe the methods by which extremely pure samples of metals may be 
prepared. 


3. Why do metals such as iron corrode, and how may this be prevented? 


4. Explain the following: 
(a) La,O, is not reduced by Al; 
(b) Zn is sacrificed in the extraction of Cd; 
(c) carbonyl and cyanide complexes of the later transition elements Cr Mn, Fe, 
Co, Ni are more stable, more common, and more likely to exist than similar 
compounds of the s-block or early transition elements; 
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(d) certain ligands such as F- tend to bring out the maximum oxidation state of 
an element, whilst others such as CO and dipyridyl bring out the lowest oxi- 
dation states. 


. Manganese has been described as ‘the most versatile element’. Explain this, and 


show the similarities and differences between the chemistry of managanese and 
rhenium. 


. Write a critical account of the various ways in which the nine elements in the iron, 


cobalt and nickel groups have been grouped together. 


. Give an account of disproportionation. Why is the mercurous ion written Hg,’*, 


whilst the cuprous ion is written Cu*? 


. Which of the M?* and M?* ions of the first row transition elements are stable in 


aqueous solution, which are oxidizing and which are reducing? 


. Explain why TiO, is white but ТІСІ, is violet. 


10. Describe the structures of chromium(II) acetate and copper(II) acetate, and com- 
ment on any unusual features. 

11, How is the last trace of oxygen removed from nitrogen? 

12. Give examples of metal clusters in transition metal ions. 

13. What happens when a solution containing [VO,]*~ ions has its pH gradually 
reduced? 

14. Explain why [Mn(H;,O),P* is pale pink, MnO, black and MnO,- intensely 
coloured purple. 

15. Draw the crystal structure of ReO,, and compare it with the perovskite structure. 

16. Compare and contrast the structures of haem, vitamin B,, and chlorophyll. 

17. What do you understand by the terms paramagnetism and diamagnetism? Predict 
the magnetic moment for octahedral complexes of Fe?* with strong ligands and 
with weak ligands. 

18. Draw the structures of six different carbonyl complexes. 

19. Discuss the origin of square planar complexes formed by Ni(II), and explain what 
other shapes may be formed. 

20. Why do the second and third rows of transition elements resemble each other 
much more closely than they resemble the first row? 

21. Give examples of compounds containing metal-metal bonds. 

22. Compare and contrast the chemistry of the elements copper, silver and gold. 

23. Comment on the toxicity of inorganic and organomercury compounds. Why are 
there problems of lead poisoning in the vicinity of zinc smelters? 

24. Describe the uses of titanium compounds in the polymerization of ethylene and in 
the fixation of nitrogen. 
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CHAPTER 7 


f-BLOCK ELEMENTS 


The Lanthanide Series (Table 7.1) 


These 14 elements are alternatively called lanthanons, lanthanides or rare 
earths and are characterized by the filling up of the antepenultimate 4f energy 
levels. 


TABLE 7.1 
cR m MM дЫ SITIS EFIE NOS RR 
Element Electronic structure Oxidation 
states* 
Xenon core 
Cerium Ce Af! Sd‘ 652 4f? 6s? +Ш «IV 
Praseodymium Pr 4f? Sq! 6s? 4f? 6s? +Ш (+IV) 
Neodymium Nd 4f? 54! 6s? 4f* 6s? (+1?) +Ш (+IV?) 
Promethium Pm 4/* 54!652 47° 652 +I 
Samarium Sm 4/ 5d! 6s? 47% 6s? (+1) +I 
Europium Eu 47% Sd‘ 6s? 4f? 6s? +0 «mn 
Gadolinium Gd 4/1 Sq'6s? 4f! 5а! 652 (+1?) + ш 
Terbium Tb 47% 54! 6s? 4f? 6s? +Ш (4IV) 
Dysprosium Dy 4/% Sq'6s? 4f" 652 +Ш (+1У?) 
Holmium Ho 4719 Sd! 6s? үп 62 +I 
Erbium Er 4f" Sq! 652 4f" 652 ESI! 
Thulium Tm 4/25а16$? 4" 6g (+11?) +ш 
Ytterbium — * Yb 4f ? 5q! 6s? 46" 6s +I +ш 
Lutetium Lu 4f * 5d! 6s? 4f 4 Sd! 6s? +I 


Fae Se, ee eS eS TE ee ы 


*See p. 154. 


Electronic Structure 


The electronic structures of the lanthanide metals are not known for certain. 
Since lánthanum, the element preceding this series, has the electronic structure: 
xenon core 5d'6s?, it may be assumed that fourteen f electrons are filled in 
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from cerium to lutetium. By utilizing the two s electrons and the опе d electron, 
trivalent metal ions might be expected. The lanthanides are characterized by 
the uniform (+III) oxidation state shown by all the metals. 

An alternative electronic structure involves moving the single 5d electron into 
the 4f shell, except where this destroys the symmetry of a half full fshell. Which 
of the two arrangements is true is of little importance because the lanthanides 
typically form compounds which are ionic and trivalent, and the electronic 
structures of the ions are Ce?*f'!, Pr^*f?, Nd?*f?, Pm?*f*, Sm?*f 5... . 

The 4f electrons in the antepenultimate shell are very effectively screened 
from effects at the outside of the atom by the 5s and 5p electrons. 
Consequently the 4felectrons are not involved in the normal chemistry of these 
elements nor do they take part in bonding. This is in marked contrast to the 
considerable effect of filled or unfilled d levels on the sterochemistry and 
stability of transition metal compounds and complexes. Whether the f orbitals 
are filled or unfilled has little chemical effect, though it does affect their spectra 
and magnetic properties. 


Oxidation States 


The sum of the first three ionization energies are given in Table 7.2. The 
values are low, hence the elements are ionic and M?* dominates the chemistry 
of these elements. The M?* and M** ions that do occur are always less stable 
than M3+. The most stable M?* and M** ions are those which attain an f°, f7 


TABLE 7.2 
E? Sum of first three 
volts ionization energies 
kJ mol"! 

Lanthanum La —2-52 3493 
Cerium Ce —2.48 3512 
Praseodymium Pr —2:47 3623 
Neodymium Nd —2.44 3705 
Promethium Pm —2-42 — 
Samarium Sm —2.41 3898 
Europium Eu 2-41 4033 
Gadolinium Gd —2.40 3744 
Terbium Tb —2.39 3792 
Dysprosium Dy —2.35 3898 
Holmium Ho —2:32 3937 
Erbium Er 2-30 3908 
Thulium Tm —2.28 4038 
Ytterbium Yb —2.27 4197 
Lutetium Lu —2.25 3898 
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or /1# configuration corresponding to an empty, half-full, or completely full f 
level (Ce** f shell empty, Eu?* and Tb** f shell half full and Yb?* f shell full). 
However, since Sm?* and Tm?* occur with /® and f? arrangements and Pr** 
and Nd** have f" and /? arrangements there may be other factors. The (+1) 
and (IV) states are not common, and are unstable in aqueous solution except 
for the well known Ce** salts such as ceric sulphate, which is used as an 
oxidizing agent in volumetric analyses. 


Chemical Properties of (+III) Compounds 


The chemical properties of the group are essentially the properties of 
trivalent ionic compounds. The metals are silvery white, and are electropositive 
and very reactive. They react slowly with cold water, and rapidly on heating. 


M + H,O +M(OH), + H, 


Their standard reduction potentials (E?) are all high (Table 7.2). The 
hydroxides M(OH), are precipitated from aqueous solutions by NH,OH as 
gelatinous precipitates, which are ionic and basic. They are less basic than 
Ca(OH), but more basic than the amphoteric Al(OH),. Thus they absorb CO, 
from the air and form carbonates. The basicity decreases as the ionic radius 
decreases from Ce > Lu. Ce(OH), is the most basic, and Lu(OH),, which is 
the least basic, is intermediate between scandium and yttrium in basic strength. 

The metals tarnish readily in air, and on heating in oxygen they all give 
oxides М.О; except for Ce which forms CeO,, and Y which forms a protective 
oxide film up to 1000 ?C. The oxides are ionic and basic, and again basic 
strength decreases as the ions get smaller. 

The metals react with Н›, but often require heating up to 300—400*C to 
start the reaction. The products are nonstoichiometric compounds МН, апа 
MH,, which are remarkably stable to heat, often up to 900°C. Their 
properties are intermediate between the ionic hydrides formed by the s block 
elements and the interstitial hydrides formed by the d block. They are 
decomposed by water, and react with oxygen. 


Сен, + H,O + Ce(OH), + H, 


The anhydrous halides MX, can be made by heating the metal and halogen, 
or by heating the oxide with the appropriate ammonium halide. 


Es 
M0, + 6NH,CL 2, мс + NH, + 3H,0 


The fluorides can be precipitated from solutions of M?* by addition of F- or 
HF. The fluorides are very insoluble, and this is used as a test for the 
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lanthanides in qualitative analysis. However with excess F-, the smaller 
lanthanide ions tend to form soluble [M F?*(aq)] complexes. The chlorides are 
deliquescent and soluble, and crystallize with six or seven molecules of water of 
crystallization. If these are heated, they form oxyhalides rather than dehydrate 
to anhydrous halides except for Ce which forms СеО,. 


heat 


MCL.6H,0 — s МОСІ + 5Н,0 + 2HCI 


The bromides and iodides are similar to the chlorides. 

At elevated temperatures, the lanthanides react with B giving M B, and M Be 
with C giving MC, and M,C,, and with N, P, As, Sb and Bi giving MN etc. 

A wide variety of oxysalts are known, including nitrates, carbonates, 
oxalates, sulphates, phosphates and strongly oxidizing ions such as 
perchlorates. 


Oxidation States (+1V) and (+1) 


The only (+IV) lanthanide which exists in solution is Ce**. The high charge 
on the ion leads to it being heavily hydrated, and except in strongly acid 
solutions the hydrated ion hydrolyses and gives polymeric species and H*. 
Ce(IV) solutions are widely used as oxidizing agents, both in volumetric 
analysis and in organic reactions such as the oxidation of alcohols, aldehydes 
and ketones at the а carbon atom. The common compounds are CeO, (white 
when pure) СеО,.(Н,О), (a yellow gelatinous precipitate), CeF,, ceric 
sulphate Ce(SO,), (yellow) and ceric ammonium nitrate. This was formerly 
represented Ce(NO,),.2(NH,NO,) but is now known to be (NH); [Ce(NO j,] 
with bidentate NO,- groups in the crystal structure and also in solution. CeO, 
is obtained by heating the metal in air, or heating Ce,"(oxalate), in air. The 
oxide is insoluble in acids and alkalis, but dissolves if reduced giving Ce*+ 
solutions. 

The most stable divalent lanthanide is Eu(II). Eu"SO, can be prepared by 
electrolysing Eu,!"(SO,), solutions, when the divalent sulphate is precipitated. 
Eu"Cl, can be made as a solid by reducing Eu!!! Cl, with H,. 


2EuCl, + Н, + 2EuCI, + 2HCI 


Eu*+ solutions can be reduced by Na, Mg, Zn or zinc amalgam to give Eu?*. 
Eu, is ionic and similar to CaH,. In a number of ways Eu?* resembles Ca?*: 
the insolubility of the sulphate and carbonate, insolubility of the dichloride in 
strong HCI, solubility in liquid NH,, but it differs in that the dihalides have a 
magnetic moment of 7-9 Bohr magnetons corresponding to seven unpaired 
electrons, and Eu?* has a reduction potential of —0-41 volts, and is as strong a 
reducing agent as Cr?*. 

The elements Pr, Nd, Tb and Dy also form (+IV) states. These are generally 
unstable, occur only as solids, and are found as fluorides or oxides which may 
be nonstoichiometric. 
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Other elements found in the (+П) state аге Nd, Sm, Gd, Tm and Yb. Yb(II) 
and Sm(II) can be prepared in aqueous solution but are oxidized on standing. 
These two elements form hydroxides, carbonates, halides, sulphates and 
phosphates. The (+) state for the elements Nd, Sm and Gd is only found in 
the solid state as MCl, and ML, which can be made from the trihalide by 
reduction with hydrogen, with the metal, or with sodium amalgam. The 
dihalides tend to be nonstoichiometric, and show metallic conduction. 


Solubility 


Salts of the lanthanides usually contain water of crystallization. The 
solubility of many of the salts follows the pattern of Group II elements, the 
chlorides and nitrates being soluble in water and the oxalates, carbonates and 
fluorides being almost insoluble. Unlike Group II, however, the sulphates are 
soluble. Many of the lanthanides form double salts with the corresponding 
Group I or ammonium salt, e.g. Na,SO,L,(SO,),.8H,O and since these double 
salts crystallize well, they are used to separate the rare earths from one 
another. 


Colour and Spectra 


Many trivalent lanthanide ions are strikingly coloured both in the solid state 
and in aqueous solution. As may be seen from Table 7.3, the colour seems to 
depend on the number of unpaired f electrons, and elements with x f electrons 
often have a similar colour to those with (14 — x) felectrons. 


TABLE 7.3 
Number Colour Number Colour 
of 4f of 4f 

electrons electrons 
La*+ 0 Colourless Lu?* 14 Colourless 
(e*t 1 Colourless Yb*+ 13 Colourless 
Prt 2 Green Tm3+ 12 Very pale green 
М№аз+ 3 Lilac Er?* 11 Pink 
Pm?* 4 Pink Ho% 10 Pale yellow 
Sm?* 5 Yellow Dy?** 9 Yellow 
Eu 6 Pale pink Tb% 8 Pale pink 
Gd?* 7 Colourless Саз+ 7 Colourless 


However, the other valencies do not all have colours similar to their 
een >. counterparts (Ce** orange-red; Sm?* red; Eu?* straw; Yb*+ 
green). 

Colour arises because light of particular wavelengths is absorbed, 
corresponding to certain electronic transitions. The lanthanide ions all show 
absorptions in the visible or near uv regions of the spectrum, except for Lu** 
which has a full f shell. These colours arise from f-f transitions. Since the f 
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orbitals аге deep inside the atom, they are largely shielded from environmental 
factors such as forming complexes (which affects the outer electrons). External 
fields only split the various spectroscopic states by about 100 cm~}, so the 
absorption bands are unusually sharp. This is in marked contrast to the 
transition elements where d-d spectra give broad absorption bands because of 
the very considerable effect of the environment. Thus the nature of the ligands 
has little effect on the absorption spectra of lanthanide ions, and spectra are 
useful for both their qualitative detection and quantitative estimation. 

Some colourless ions such as Ce?* and Yb?* show strong absorption in the 
uv region. Charge transfer spectra are possible due to ligand > metal transfer, 
particularly if the metal is in a high oxidation state or the ligand has reducing 
properties, and the strong colour of Ce** solutions arises from charge transfer 
rather than ff spectra. 


Magnetic Properties 


The states f° and f™ which occur in La?*, Ce** and Lu?* have no unpaired 
electrons, and are diamagnetic. All the other f states contain unpaired electrons 
and are therefore paramagnetic. The magnetic properties of the lanthanides are 
fundamentally different from those of the transition elements. To a first 
approximation in the d block the orbital contribution is usually quenched out 
by interaction with the electric fields of the ligands in its environment, and the 
magnetic moment is close to the simple spin only formula (see Magnetic 
properties, Chapter 6). Since the 4f electrons are well shielded from external 
fields by the overlying 5s and 5p electrons, the magnetic effect of the motion of 
the electron in its orbital is not quenched out, and magnetic moments must be 
calculated taking account of both spin and orbital contributions. Figure 7.1 shows 
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Fig. 7.1 Paramagnetic moments of the M?* lanthanide ions at 300 °K. The spin only 
values are shown as a broken line, and the spin plus orbital motion as solid lines. 
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the calculated magnetic moments for the lanthanides using both the spin о 
formula, and the spin plus orbital momentum formula. There is exce 
agreement between the latter and the range of experimental values at 300 ° 
which are shown as I’s. The unusual shape of the spin plus orbital motion 
arises because when the f level is less than half full the spin and orbita 
momenta work in opposition, but when the shell is more than half full the 
work together. 


Lanthanide Contraction 


Normally, on descending a group in the periodic table the covalent and ionic 
radii increase due to the filling of extra shells of electrons. On travelling acrossa 
period, the covalent and ionic radii decrease because the nuclear charge is 
increased and since the extra orbital electrons shield this charge imperfectly, all 
the electrons are pulled in closer. The shielding effect of electrons decreases 
from s + p + d > f. Though the contraction in size from one element to 
another is fairly small, the additive effect over the fourteen elements from Ce to 
Lu is about 0-2 À, and this is known as the lanthanide contraction. 

The. properties of an ion depend on its size and its charge. The M?* 
lanthanide ions change by only a small amount from one element to the next 
(Table 7.4) and their valency is the same, so their chemical properties are very 
similar. Furthermore, the contraction reduces the radii below that for Y in the 
preceding transition series, and the chemical properties of Y, Dy and Ho are 


also very similar. Consequently the separation of these elements is very | 
difficult. е 


TABLE 7.4 Ionic Radii М?+ (A) 


De ОСОП рг Ма Ра Sm. Ви. Od ЛЬ Dy Ho Er "Tm. Yb 8 
1066 103 1.01 1:00 0.98 0-96 0.95 0-94 0-92 0-91 0-89 0.88 0-87 0-86 0-85 


The contraction effect is of sufficient magnitude to cause the elements which — 
follow in the third transition series to have sizes very similar to those of the 
second row of transition elements. (See Table 7.5). 4 

Tonic radii were not chosen in this table because the radius depends on how 
many electrons are removed. If the sizes of ions of the same charge were | 
compared, a Similar variation would be observed. 1 

The normal size increase Sc > Y > La disappears after the lanthanons, and. 
pairs of elements such as Zr/Hf, Nb/Ta, Mo/W possess nearly identical sizes. 
The similarity of properties within these pairs makes chemical separation very - 
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TABLE 7.5 Covalent Radii (A) 


Sc Ti у Сг Мп Ее Со Ni 
1-44 1-32 1-22 1-17 1-17 1-17 1-16 1-15 
Y Zr Nb Mo Tc Ru Rh Pd 
1-62 1-45 1-34 1-29 = 1:24 1:25 1.28 
Га Нуи Та WwW Re Os Ir Pt 
1-69 1-44 1-34 1-30 1-28 1-26 1-26 1-29 


*14 Lanthanide elements 


difficult. In general, the second and third rows of transition elements resemble 
each other much more closely than do the first and second rows; this is a direct 
result of the lanthanide contraction. 


Separation of the Lanthanide Elements 


The properties of metal ions are determined by their size and charge and 
since the lanthanides are all typically trivalent and are almost identical in size, 
their chemical properties are almost identical. The separation of one metal 
from another is an exceedingly difficult task, almost as difficult as the 
separation of isotopes. The following methods have all been used at one time 
or another to exploit slight differences in basic properties, stability or solubility, 
though in recent years only methods 6 and 7 have been used. 


(1) Precipitation. With a limited amount of precipitating agent the 
substance with the lowest solubility product is precipitated most rapidly and 
most completely. If hydroxyl ions are added to a solution of lanthanide 
nitrates, the weakest base Lu(OH), is precipitated first, and the strongest base 
La(OH), last. Only a partial separation is effected, but the precipitate can be 
redissolved and the process repeated. 


(2) Thermal reaction. If the nitrates are fused, a temperature will be reached 
when the least basic changes to the oxide. The mixture is leached with water; 
because the oxides are insoluble they remain, are reconverted to nitrates, and 
the process is repeated. 


(3) Fractional crystallization of simple salts such as nitrates, sulphates, 
bromates, perchlorates and oxalates has been used and double salts such as 
2L(NO,),3Mg(NO,),.24H,0 crystallize well. The solubility decreases from 
La to Lu. The process needs repeating many times. Non-aqueous solvents such 
as ether have been used to separate Nd(NO,), and Рг(№О,),. 
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(4) Complex formation. The oxalates of the lanthanons are insoluble, but 
they can be held in solution by a complexing agent such as EDTA 
(ethylenediaminetetraacetic acid) 

HOOC-CH,. „©н,—-Соон 
‚®-сн,-сн,-м 
HOOC-CH; CH,-COOH 

The EDTA metal complexes are not all equally stable and addition of acid 
destroys the least stable complexes, which then precipitate as the oxalates. 
Separation is not complete, so the oxalates are redissolved and the process 
repeated many times. 


(5) Solvent extraction. The ratios of the partition coefficients of La(NO,), 
and Gd(NO,), between a solution of the metal ions in strong HNO, and 
tributyl phosphate is 1 : 1-06. Though this difference is quite small, a very large 
number of partitions can be performed using a continuous counter-current 
apparatus. This form of solvent extraction is much less tedious than performing 
10 000 or 20 000 crystallizations, and kilogram quantities of 9596 pure Gd 
have been obtained by this method. The technique was originally developed in 
the early days of atomic ehergy, to separate and identify the lanthanide 
elements produced by fission of uranium. 


(6) Valency change. A few lanthanons have oxidation states other than the 
characteristic (--III), and the difference in properties of the (+II) and (+IV) 
states makes separation fairly easy. Cerium can be removed from lanthanide 
mixtures by oxidizing the solution with permanganate or bromate under 
alkaline conditions. Ce^* has a greater charge than Ce?*, hence Ce^* is smaller 
and less basic and is precipitated as Ce(OH),, CeO, or a basic salt, leaving the 
trivalent ions in solution. 

Alternatively Ce** can be readily extracted from the other M?* lanthanides 
in HNO, solution using tributyl phosphate. 9996 pure Ce can be obtained in 
one stage from a mixture containing 4096 Ce. Pr and Tb can both have 
oxidation states of (+IV), but these are unstable in aqueous solution. 
Separation is possible by fusion to the oxides, or by oxidizing in molten NaOH. 

Europium can be obtained in the (+II) state either by electrolytic reduction 
with a mercury cathode or by using zinc amalgam, followed by the 
precipitation of EuSO,, which resembles the alkaline earth sulphates. Strong 
reducing agents such as sodium amalgam will produce divalent samarium and 
ytterbium. 


Valency change is still a useful method for Ce and Eu despite the advent in 
recent years of ion exchange. 


0) lon exchange. This is the most important, the most rapid and most 
effective general method for the separation and purification of the lanthanons. 
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A solution of lanthanide ions is run down a column of synthetic ion-exchange 
resin which has functional groups such as -COOH or -SO,H. The lanthanide 
ions replace the functional hydrogen ions and become bound to the resin. 


M* + 3H(resin) > M (resin), + 3H* 


The Н* ions produced are washed through the column, then a buffered solution 
of citric acid/ammonium citrate is used to elute, that is wash off, the metal ions 
in a selective manner. An equilibrium is set up 


M (resin), + 3H(citrate) = 3H(resin) + M (citrate), 


As the citrate solution flows down the column, the lanthanide ions come off the 
resin and form the citrate complex, and go back on the resin a little lower down 
the column. This process is repeated many times as the metal ion gradually 
travels down the column. The smaller lanthanide ions such as Lu?* form 
stronger complexes with the citrate ions than the larger ions like La**. Thus the 
smaller and heavier ions spend more time in solution, and less time on the 
column. Thus the heavier ions are eluted from the column first, and if 
conditions are correct the individual elements can all be separated. The process 
is analogous to many separations or many crystallizations performed in situ on 
the column, and the elements may be obtained 80% pure with one pass through 
an ion-exchange column. 


Complexes 


The lanthanide ions M+ have a high charge, but they are rather large 
(0-85-1-03 A) compared with the transition elements (Сг?* = 0-60, Fe?* = 
0-64 A) and consequently they do not form complexes very readily. The most 
common and stable complexes are those with chelating oxygen ligands such as 
citric acid, oxalic acid, EDTA and acetyl acetone. These complexes frequently 
have water or solvent molecules attached to the central metal, and coordination 
numbers of 7, 8 and 9 are very common. A variety of stereochemistries and 
coordination numbers are found (Table 7.6). Complexes with monodentate 


TABLE 7.6 Some Lanthanide Complexes 


Coordination Complex Shape 
number 

6 [Er(NCS)] Octahedral — , 
7 [Y (acetylacetone),.H,O] Mono-capped trigonal prism 
8 [La(acetylacetone), (H,O),] Square antiprism 
8 Cs*[Y(CF,.CO.CH .CO.CFjAl- Dodecahedral р 
9 [Nd(H,0),]*+ 3BrO,— Tri-capped trigonal prism 

10 [La(H;O),. EDTA .3H;0l Complex | i 

10 [Ce(NO,),}?- Trigonal bipyramid 


(each МО, is bidentate) 
eee Se eee 
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oxygen ligands are much less stable than the chelates, and tend to dissociate in 
aqueous solution. There are hardly any complexes with nitrogen ligands except 
ethylenediamine and NCS-, and these are decomposed by water. Fluoride 
complexes M F?* (ag) are formed particularly by the smaller ions, but chloride 
complexes are not formed in aqueous media or concentrated HCl—a 
distinction between the lanthanide and actinide groups. 

Ce** is smaller and more highly charged, and [Ce(NO,),]?> is formed in the 
non aqueous solvent N,O,, and is twelve-coordinate, each NO , being 
coordinated by two oxygens to the metal. 

The lanthanides form no complexes with z-bonding ligands, and the lack of 
л bonding is attributed to the unavailability of the f orbitals for bonding. 
However, the existence of high coordination numbers raises problems. Utilizing 
all the s, p and d orbitals in the valency shell accounts for a maximum 
coordination number of nine, but the higher coordination numbers would seem 
to imply either the participation of forbitals, or bond orders of less than one. 


Extraction 


One of the most important sources of the lanthanides is monazite sand, 
which is a mixture of trivalent lanthanide orthophosphates with up to 30% 
thorium phosphate. La, Ce, Pr and Nd make up over 60%, and Y and the 
heavier lanthanides make up the remainder. 

Once the different lanthanide elements have been separated, the metal may 
be obtained by electrolysis of the fused chloride. Alternatively the lighter 
metals La to Gd are obtained by reducing the trichlorides with Ca at 1000 °C 
in an argon-filled vessel. The heavier elements are obtained by reducing the 
trifluorides with Ca, Li or La, since the chlorides are too volatile. The metals 
are of little use, though Mischmetal (50% Ce, 40% La, 7% Fe, 3% other 
metals) is pyrophoric and is used for ‘lighter flints’. Га,О, is used in Crooke's 
lenses, CeO, is used as an opacifier in paint and enamel and ceric sulphate is 
used as an oxidizing agent in volumetric analysis. Neodymium oxide has found 
use as a liquid laser. For this purpose it is dissolved in selenium oxychloride, 
icd is a solvent without light atoms which would convert the input energy 
into heat. 


` Abundance and Number of Isotopes 


The abundance of the elements and number of naturally occurring isotopes 
shows regular variations (Table 7.7). 

К Elements with an even nuclear charge (atomic number) are more abundant, 
richer in isotopes and more stable than those of odd atomic number. Elements 
with odd atomic numbers never have more than two stable isotopes. Both the 
number of neutrons in the nucleus and the number of protons are related to the 
stability throughout the periodic table (Table 7.8). 
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TABLE 7.7 
Atomic Element Abundance р.р.ћ. Naturally 
number earth’s crust occurring isotopes 
58 Ce 46 4 
59 Pr 5-5 1 
60 Nd 24 7 
61 Pm 0 0 
62 Sm 6-5 7 
63 Eu 1-1 2 
64 Gd 6-4 7 
65 Tb 0-9 1 
66 Dy 4-5 1 
67 Ho 12 1 
68 Er 2-5 6 
69 Tm 0-2 1 
70 Yb 2.7 7 
71 Lu 0-8 2 
TABLE 7.8 

Atomic number Number of neutrons Stable nuclei 

Even Even 164 

Even Odd 55 

Odd Even 50 

Odd Odd 4 


Element 61, promethium, does not occur naturally, but has been made 
artificially. Its absence may be explained by Mattauch’s rule which states that if 
two elements with consecutive atomic numbers each have an isotope of the 
same weight, both isotopes are never stable. Since elements 60 and 62 have 
seven isotopes each, there are not many mass numbers available for 
promethium, element 61. 


TABLE 7.9 
oso 27 bugbowpmsed fs SURE MCI UNDIS EE 


Element 60 142,143,144,145,146, 148, 150 
Element 62 144, 147, 148, 149, 150, 152, 154 
Omen од IT ee eee eT 


If promethium is to have a stable isotope, it must have a mass number 
outside the range 142-150. !31Рт is radioactive, so if promethium is present it 
is radioactive. 
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The Heavier Elements 
TABLE 7.10 
————— ML — M саа 
Atomic Element Symbol Oxidation states* 
number 
89 Actinium Ac ш 
90 Thorium Th (Ш) IV 
91 Protactinium Pa (Ш) ІУ V 
92 Uranium U пу У.м 
93 Neptunium Np Ш IV у VI VII 
94 Plutonium Pu Hr gv v угу 
95 Americium Am II ш (IV) V VI 
96 Curium Cm ш (IV) 
97 Berkelium Bk Ш ІУ 
98 Californium Cf an ш 
99 Einsteinium Es (D) ш 
100 Fermium Fm (aD) ш 
101 Mendelevium Md qa ш 
102 Nobelium No п ш 
103 Lawrencium Lr ш 
104 Rutherfordium Rf 


SEE ваны vs. o o 


* See p. 154. 


Occurrence and Preparation of the Elements 


All of the elements from bismuth onwards are radioactive. The elements up to 
and including uranium occur in nature and have been known for a long time. 
Thorium is found up to 30% in Monazite sand, mixed with the lanthanides as 
(ThLn)PO, It is also found as the ore thorite ThSiO,. Uranium is mined as the 
ore pitchblende UO,, and very small amounts of actinium, protactinium, 
neptunium and plutonium were isolated from these ores. It is now easier and 
cheaper to make the last four elements artificially, and plutonium is formed in 
large amounts from uranium fuel in nuclear reactors. 

The chemistry of thorium and uranium was found to resemble that of the 
titanium and chromium groups of transition metals in a number of respects. 


neutrons, or using an accelerator to bombard a sample with a particles (helium 
nuclei), or the nuclei of light atoms such as carbon, boron, nitrogen or oxygen. 
Most of the transuranium elements were discovered at the University of 
California. 

If a sample is placed in a nuclear reactor and irradiated with slow neutrons 
(of energy ~ 1 MeV), a neutron may be captured by the nucleus in an ny 
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reaction. The mass number of the nucleus is increased by one, and some energy 
is released as y radiation. Addition of further neutrons may occur. The capture 
of neutrons in all of these elements leads to an increase in their instability, since 
they already contain too many neutrons to be stable (see Chapter 9, Stability 
and the Ratio of Neutrons and Protons). They decay by converting a neutron 
into a proton and a £ particle (electron), thus increasing the atomic number by 
one, for example 

B 
6-7 days 
The yield of the heavier elements is controlled by the half-lives of the various 
isotopes, and by their ability to absorb neutrons, that is their neutron cross- 
section. Instead of the tedious stepwise addition of neutrons, a quicker method 
is to subject the sample to a very high flux or density of fast neutrons, without 
allowing time for the intermediate products to decay. This happened in the 
hydrogen bomb explosions when elements 99 einsteinium and 100 fermium 
were formed, but it does not provide a convenient and practicable synthetic 
route. In reactor fuel elements 2380 adds a fast neutron and then loses two 
neutrons 


WU + BAU in 530 "INP 


Lm, yy co 3NP 


23 
90 6-7 дауѕ 


An alternative method is to bombard the sample with small ions which must 
have sufficient energy to overcome the coulombic repulsion between the ion 
and the heavy nucleus. These ions are given a high kinetic energy of motion by 
accelerating them to a great speed in a linear accelerator, or in a cyclotron. The 
simplest ions used are a-particles—that is helium nuclei—which increase the 
mass number by four and the atomic number by two. 


Ари + He — Ст 


Often the addition of the helium nucleus upsets the ratio of neutrons to protons 
(see Chapter 9), and one or more neutrons are emitted 


зэру Say їСт  2(jn) 
mim > Bk + in 
ст (79, sucre 202) 
yop M. зет + 201) 
"S D, Ма + in 
The heaviest elements were obtained by bombarding the sample with 
accelerated ions В+, С®+, N?* ог O**. 
23U + MN — 2865 + 4n) 
BU + 60 > Fm + 4(in) 
мест + 2C > 14No + 4n) 
?8Cf + HB > т + 60) 
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TABLE 7.11 The Main Isotopes and Their Sources 


Atomic Element Main Half-life Source 
number isotopes 
Z 
89  Actinium 27Ас 21-7 years Natural 26Ra -"7› 2zRa ie Ас 
90 Thorium 22Th 1.4 x 10! years Naturally occurring ores 
91  Protactinium 7'Pa 3-3 х 10*years Natural (0-1 ppm in U ores) and from 
BSU fuel elements 
92 Uranium ЭЭ] 7.1 х 10% years Natural (0-796 abundance in U ores) 
2380] 4.5 x 10% years Natural (99-396 abundance in U ores) 
93 Neptunium BINp 2-2 x 10° years Formed from U fuel elements 
agu SL, ney BY, ay A. эмр 
2220 (n, 2n) 
94 Plutonium 238Py 86.4 years Several isotopes are formed 
in fuel elements 
Мр > зимр — titu 
n В 
29Py 2.4 х 10*уеагѕ 2380 -> WU uu "Np уз?" bu 
"pu 3.8 х 10 уеагѕ 732Pu 0а нуп 
24Py 8.2 x 10’ years 732Pu ай, 244Pu 
fy, 
95  Ameridum "Ат 433year —— "NU > зру i> Am 
"Am 7.7x 10? years. "Pu. 9 03, ээр L> 28am 
“Am Z> Am 
95 95 a 
oj 
96 Curium "Cm 162 days epee" MOm 
“Ст 17-6 years суру L, mpy E Am > 
Ат = Ст 
95 26 mi 96 
97  Berkelium *9Bk 314 days a 
i 1 2/ 
98 Californium FA кз Intense and prolonged neutron bombard- 
i vss 
99 Finsteinium  ?"Es 250 days ment of ??Pu in nuclear reactors 
100  Fermium ?95Fm 4.5 days 
101  Mendelevium ?%Ма 1.5 hours Bombardment of ???Cf with He^* 
followed by £ 
102  Nobelium 254No 3 seconds Bombardment of *4°Cm with C5* 
103. Lawrencium 77Lr 8 seconds Bombardment of 752Cf with B5* 
104  Rutherfordium ?€Rf Approx. 70 
seconds 


_—————————-—Ә— ==  — 


409 


The source, half life and mass number of the most accessible isotopes are given 
in Table 7.11. 

Other isotopes are known, and some have long half-lives. The most accessible 
isotopes do not necessarily have the longest half-lives, and 2*ВК is only 
prepared with difficulty by ion bombardment in an accelerator, but it has a 
half-life of about 7000 years. 


TABLE 7.12 Availability of Various Isotopes 


Tons Kilograms 100 grams Milligrams Micrograms 
23?Th Np 231 pa 24рц 251Fm 
2380 239py 238Py asc 

22ру 249Bk 

*1Am "Cm 

243 Am 2534Es 

“Ст 


The quantities of these elements which are available are given in Table 7.12. 
The elements above atomic number 100 fermium exist only as short-lived 
species, and only minute quantities (a few atoms) have been prepared. The 
most stable isotopes are 5*Md = 53 days, ?5No = 185 seconds, ***Lr = 45 
seconds and ?*'Rf = approx. 70 seconds. 


Electronic Structure and Position in the Periodic Table 


In the early days there was controversy about the electronic structure of 
these elements. By comparison with the previous row in the periodic table itis 
apparent that francium and radium belong to Groups 1 and II and have s 
electrons in their outer orbitals. The next element actinium begins to fill the 
penultimate d shell (— 64!7s?), and has properties typical of the Sc, Y, La 
Broup. 

The heavy elements thorium and uranium were known before the 
transuranium elements were produced and showed a certain amount of chemical 
similarity with groups of transition metals Ti, Zr, Hf --- Th? and Cr, Mo, W 
+++ U? As the transuranium elements were discovered it became apparent from 
the sharpness of the lines in the uv-visible spectra, from magnetic studies, and 
the increasing importance of ће (+III) oxidation state that the 3f shell of 
electrons was being filled. It was not clear whether the f level started to fill after 
actinium, in which case the subsequent elements should be called actinides, or 
After uranium when the heavier elements should be called uranides. 

Evidence for a uranide series came from the chemical similarity of Th, Pa 
апа U with the transition elements. Furthermore, the increase in the number of 
Oxidation states formed by the elements Ac, Th, Pa, U and the increased 
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stability of the higher states follows the same pattern as found in the d block, 
and differs from the almost uniform (+III) oxidation state of the lanthanides. 
The alternative that a second inner transition series, the actinide series, 
should begin with thorium and end with lawrencium is now generally accepted. 
The lanthanide and actinide elements may be compared (Table 7.13). Curium 
closely resembles gadolinium which is known to have the electronic 
configuration 4/7, 541, 6s, so by analogy curium has the arrangement 5/7, 
6d', 7s?. The behaviour of Am, Cm, Bk and Cf on elution from an ion- 
exchange column is exactly parallel to that of the lanthanides Eu, Gd, Tb and 
Dy. The melting points and densities of the elements do not fit with the values 
for the d block (see Appendices II and III) and this is further evidence for an 
actinide series. The elements Pa, U, Np, Pu and Cm have very sharp lines in 
their absorption spectra—a characteristic feature of ff spectra. The spectra 


TABLE 7.13 


Transition Lanthanides 


elements 


Ce Pr.Nd Pm Sm Eu Gd Tb Dy Ho Ег Tm Yb Lu 
Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr 


are about ten times as intense as those from the lanthanides. Where there is 
only one f electron there is only one peak in the spectrum, but where there are 
several electrons the spectra are very complicated, and it is difficult to identify 
the electronic configurations of the various levels. The suggested electronic 
structures are given in Table 7.14. 

Whether the elements possess any d electrons in their ground state 
configuration is of little practical importance since in the most common 
oxidation state of (+III) this electron, if present, will be removed. Furthermore, 
the energy of the Sf and 6d levels are very close, and the promotion energy is 
often less than the chemical bonding energy. The electronic structure may 
therefore change depending on the nature of the ligands, or between the solid 
state and a solution, and it is often impossible to say which orbitals are being 
used. 

The 5f orbitals extend into space beyond the 6s and 6p orbitals and 
participate in bonding, unlike the lanthanides where the 4f orbitals were totally 
shielded by the outer orbitals and did not take part in bonding. This explains 
the higher valency states shown by the earlier actinide elements. The greater 
extension of the Sf orbitals compared with 4f is shown by the difference in 
electron spin resonance spectra of Nd% and U?* ions in CaF, or SrF,. Both 
ions have an f? ground state (spectroscopic term symbol ‘I,,,—see Chapter 
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TABLE 7.14 
pom © = ж е d ss 
Electronic configuration M.pt. Density Radius Radius 
M M* 
"c g/cc А А 

Ас Radon core—Sf° od! 7s? 1050 — 1-11 
Th Sf? 6d? 752 1750 11-7 (1408) 0:99 
Ра 5f? 6d! 7s? 1560 15-4 (1:05) 0.96 

or 57! 642 7s? 
U 5f? 6d! 7s? 1132 19-1 1.03 0-93 
Np 5f5 64° 7s? 639 1-01 0-92 
Pu 576 64° 7s? 640 1-00 0-90 
Am 5f? 64° 7s? 944 0-99 0-89 
Ст 5f? 6d! 7s? 1350 0-985 0-88 
Bk 5f* 6d! 7s? 986 0-98 

or 579 642° 7s? 
Cf 5f 19 64° 7s? 0-977 
Es Sf 6d° 7s? 
Fm 5f ? 6d? 752 
Md 5f 13 6d? 7s? 
No 5714 64° 7s? 
Lr 5/14 6d! 7s? 


ee кж __`_ — 


10). The U3+ signal shows hyperfine structure caused by interaction with 
fluorine nuclei, whilst Nd?* ions do not. 


Oxidation States 


The known oxidation states of the elements are shown in Table 7.10. For the 
elements Th, Pa and U, the most stable states are (+IV), (+V) and (VI) 
respectively and involve using all the outer electrons for bonding. Though 
Np(VII) exists, it is oxidizing and the most stable state is (+V). Pu shows 
oxidation states from (+Ш) to (+VII), but the most stable is Pu(IV). Am has a 
range of oxidation states from (+I) to (+VI), but in this and almost all the 
remaining elements the (+Ш) state is the most stable. It is interesting to note 
that Lr(ID is the most stable state since this corresponds to an f" 
configuration, and that Am(II) and Bk(IV) are moderately stable—associated 
with their f? arrangement. 


General Properties 


A number of properties of the elements are given in Table 7.14. The elements 
are all metals with fairly high melting points, though the values are con- 
siderably lower than those for the transition elements. The size of the ions 
decreases regularly along the series, because of the poor screening of the 
nuclear charge by the f electrons. This results in an *actinide contraction" 
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similar to the lanthanide contraction. Comparison of the М?+ ionic radii with 
those for the lanthanides (Table 7.4) shows that the actinide and lanthanide 
ions are very similar in size, hence their chemical properties are alike. The 
actinides are however much more dense. Thus the actinides are reactive metals 
like lanthanum and the lanthanons, and they react with oxygen, halogens, acids 
and with hydrogen. The hydrides are nonstoichiometric and have ideal 
formulae MH, and MH,. The metals are usually obtained by electrolysis of 
fused salts, or by reducing the halides with Ca at high temperatures. 


Thorium 


The only stable oxidation state is (+IV), and the Th*+ ion is known both in 
the solid and in solution. It occurs up to 3096 in monazite sand as the 
phosphate, mixed with phosphates of the lanthanides. It is extracted by 
dissolving the phosphate, precipitating the hydroxides of Th(IV), U(IV) and 
Ce(IV), dissolving these in acid and extracting with tributylphosphate. 
Th(NO,),.5H,O is the best known salt, and it is very soluble in water. In 
dilute solutions hydrated ions [Th(H,O),]** exist, and on adding NaOH, a 
precipitate of Th(OH), is produced. On heating this, or by heating the metal in 
air, ThO, is formed. The oxide is white, high melting (3220 °С) and unreactive 
apart from dissolving in a mixture of HNO, and HF. Anhydrous halides Th.X, 
are formed either by direct reaction or by strongly heating the oxide with the 
appropriate halogen acid at 600 °С. They are high melting and white. ThI, has 
been used to purify the metal by the van Arkel method (see Thermal 
decomposition methods of extraction in Chapter 3). The halides hydrolyse in 
moist air giving oxyhalides ТҺОХ,. The white colour of Th(IV) compounds is 
associated with the absence of d or f'electrons. The high charge of Th** favours 
the formation of complexes, and these often have high coordination numbers: 
(NH), ThF,], K,{Th(oxalate),] -4H,0, and Ca[Th(NO,),] in which the nitrate 
groups are bidentate giving a coordination number of twelve. Th(III) 
compounds are rare, and are only found as solids. ТМ, and ThOF have been 
made, but they react with water forming Th(IV) and liberating hydrogen. ThI, 
and ThS have also been formed. These lower-valent compounds have some 
metallic conduction, and ThI, could perhaps be Th**, 3I- and an electron in a 
conduction band. 

Thorium is industrially important for two reasons. Thorium dioxide 
containing 196 cerium gives a very high light emission when heated, hence it 
was widely used for making incandescent gas mantles. Naturally occurring 
thorium is almost entirely ?*?Th. This isotope is not fissionable, but if irradiated 
in the outer part of a nuclear reactor, 23317 is formed. 

Wm — "m Lt Ra l5 "uU 
This isotope of uranium does not occur in nature, and has a half life of 1-6 x 
10° years. It is fissionable, and since more reactor fuel is produced than is 
consumed by the reactor it is important as the basis of ‘breeder-reactors’. 
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Protactinium 


The uranium ore pitchblende contains about 0-1 p.p.m. of ?!Pa which is 
formed as a decay product of 2350 in the actinium decay series (see Chapter 9). 
It also occurs in the neptunium and uranium series. Its isolation from minerals 
is difficult, and it is usually prepared artificially either by the reaction given 
above or obtained as ??!Pa from uranium fuel elements in nuclear reactors. Its 
chemistry is particularly difficult to study because the compounds hydrolyse, 
and in water ions polymerize forming colloidal precipitates which are adsorbed 
on to the vessel or other precipitates. It can be extracted from solutions in НСІ 
or HNO, by tributyl phosphate. The most stable oxidation state is (+ V). Pa,O, - 
is obtained as a white solid by igniting Pa compounds in air. The oxide is 
weakly acidic since it is attacked by fused alkali. Heating in a vacuum, or 
reduction with hydrogen at 1500 °C gives a black nonstoichiometric phase 
РаО, , and eventually PaO,.PaF, can be made by the action of F, on PaF,, or 
BrF, on Pa,O,. It is reactive, and can be sublimed. PaCl, and oxyhalides 
PaOX, and PaO,X are also known. Pa(V) complexes with oxalate, citrate, 
tartrate, sulphate and phosphate ions are known, and some unusual fluoride 
complexes have been studied. In Rb[PaF,] the Pa atom is eight-coordinate. 
The complex K,{PaF,] contains nine-coordinate PaF, groups which form two 
F bridges to neighbouring groups on either side, giving a chain and in 
Na,[PaF,| the [PaF,]*~ ion is a slightly distorted cube. In the (+IV) state, 
PaO, and the halides PaX, are all known, and also oxyhalides PaOX;. 
Reduction of aqueous Pa(V) solutions with zinc amalgam or Cr?* gives 
Pa(IV), but this is readily oxidized by air. Spectra of PaCl, in HCl or HCIO, 
are similar to those for Ce?*(4/'!), thus suggesting Pa(IV) has a 5f. 
configuration, and is an actinide. Pa(IIT) has been detected polarographically. 


Uranium 


The discovery of uranium fission in 1939 stimulated a very detailed study of 
uranium chemistry, and led to the discovery of the heavier elements. Uranium 
is of great commercial importance as a nuclear fuel. It is mined as oxide ores 
uranite and pitchblende, whose formulae approximate to UO;, and as uranium 
vanadates. It is more abundant than a number of ‘well known’ elements such as 
Ag, Hg, Cd and I. The extraction processes are complex, but the final stages 
involve solvent extraction of uranyl nitrate UO,(NO,), from aqueous solution 
into tributyl phosphate in an inert hydrocarbon diluent, conversion to UF, 
followed by reduction of UF, with Ca or Mg. 

Naturally occurring uranium contains three isotopes: 99-3% of 2380], 0.7% 
Of 35 and traces of 24U. The isotope ^'*U is fissile, and if it is irradiated with 
thermal (slow) neutrons the nucleus breaks up into two smaller nuclei and 
liberates at least a million times more energy than for a chemical reaction. The 
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nucleus may split giving several products (see Induced nuclear reactions, 
Chapter 9), one such reaction being 


2350 + in > 49Ва + $2Kr + 3 (jn) + 10'° kJ mol"! energy 


Since three neutrons are evolved, these could split further ?5U nuclei, liberating 
even more neutrons, thus starting a nuclear chain reaction. Chain reactions 
only result in an explosion if great care is taken. Normally the energy liberated 
melts the radioactive material, thus allowing it to spread out, so that neutrons 
are lost from its increased surface, hence the chain reaction ceases. Only if the 
fissile material is prevented from spreading out by containing it in an extremely 
high-melting case will a chain reaction result in an explosion. This is the basis 
of the atomic bomb. In a nuclear reactor, only one neutron from each fission is 
allowed to cause another fission, hence the release of energy is controlled, and 
can be used for peaceful purposes such as generating electricity. The surplus 
neutrons may be absorbed by nonfissile material, called a moderator, or by 
2380] forming a heavier element, or else are allowed to escape. The preparation 
of enriched U fuels containing large amounts of fissile ??5U is difficult, and can 
be achieved using the different rates of diffusion of gaseous ?5*UF, and ?*UF, 
(see The Halogens, Chapter 5). 


F, 
UO, + НЕ - UF, ——— UF, 


When ?**U absorbs neutrons it forms the heavier element Pu which is itself 
fissile and can be used as a nuclear fuel. Since a larger quantity of Pu may be 
formed than 5U is consumed, the reactor is called a fast breeder reactor. 

Uranium and the next three elements Np, Pu and Am show oxidation states 
of (+Ш), (+IV), (+V) and (+VI), which are similar to each other, except that 
the most stable state drops from U(VI), Np(V), Pu(IV) to Ат(Ш). In the 
(+III) and (+IV) states the compounds are similar to the lanthanides. The ions 
formed in the oxidation states (+III), (+IV), (+V) and (+VI) are M?*, M‘*, 
MO,* and МО,?+ respectively. Oxidation-reduction reactions are rapid 
between M?* and M**, or MO,* and МО,2+, since these only involve the 
transfer of an electron, but oxidation of M** to МО,2+ is slow because it 
involves transfer of oxygen. 

Uranium is a reactive metal, which dissolves in acids, reacts with oxygen, the 
halogens, hydrogen and many elements. The U-O system is complicated 
because there are several stable oxidation states, and the compounds are often 
nonstoichiometric. UO, is brown-black and occurs in pitchblende. U,O, is 
greenish black, whilst UO, is orange-yellow. Some reactions are given: 


UO;(NO,.2H,0 350°С, yo, CO 350°C (jo. 
Uranyl nitrate 
700°C 


U + o, N N U30g 
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All three oxides are basic and dissolve in HNO, forming uranyl nitrate. This 
has an unusual eight-coordinate structure comprising a linear UO, group 
perpendicular to a hexagon of six more oxygen atoms (four from two bidentate 


Fig. 7.2 Uranylnitrate dihydrate UO,(NO,),.2H,0. 


NO, groups and two from water molecules) (Fig. 7.2). The main uranium 
halides and their colours are listed in Table 7.15. Some of the reactions of the 


fluorides are given: 
UF, 


Al weg 
ip 


ur, — 2240€ [ш and (Uf 
4 


F 
24s Cus И А 
>N pe 65°С 
UF, 


UF, and UCI, are octahedral but all the other halides are polymeric, and have 
high coordination numbers. The halides are all hydrolysed by water. The 


uo, HF 


F2 


TABLE 7.15 Halides of Uranium 


ogg Fluorides Chlorides Bromides ойе 

State 
+III UF, green UCI, red UBr, red UI, black 
"d UF, green UCI, green UBr,brown UL black 
ДУ ОЕ; white-blue ^ UjCl,, red-brown 
gs UF, white UCI, black 

U,F, black 

U,F,, black 

U,F,, black 


M rm IMEEM nl 
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hexahalides give the UO,?*+ ion which is stable in fairly strong acid, bu. 
hydrolyses and polymerizes via hydroxyl bridges at higher pH values giving 


i H 
О 
5 оа ы) > 
Ut 
eA EEN PEN 
H H 


UF; is a powerful fluorinating agent, UF, tends to disproportionate to UF, and 
UF,, and the tetrahalides are the most stable. i 
Uranium reacts with hydrogen at 250°C to give UH,, which is often 
deficient in hydrogen. The hydride is very reactive, and is useful for making 
other compounds 
UH, + H,O + UO, 
UH, + Cl, + UCI, 
UH, + HCI > UCI, 


Neptunium, Plutonium and Americium 


?'"Np and Pu are available in kilogram quantities from uranium fuel rods" 
which have been used in a nuclear reactor. Their separation is extremely 
difficult because not only are they radioactive and mixed with fissile material, _ 
but Pu is extremely toxic and carcinogenic. Am is produced by intense neutron 
irradiation of pure Pu. ; 

These three elements are reactive metals similar to U, and dissolve in acids, 
react with oxygen, the halogens, hydrogen and many elements. The oxidation 
states (+Ш) > (+VI) are present in solution as M?*, M**, M. O,+ and MO", 
though the (+VI) state becomes increasingly oxidizing from U > Np > Pu > 
Am, and AmO,” is as strongly oxidizing as KMnO,. The most stable states _ 
are Np(V), Pu(IV) and Ат(Ш). Very strong oxidation of alkaline solutions of ' 
NpO;?* and PuO,+ with ozone or HIO, yields the (+VII) state which has _ 
been isolated as Li[NpO,] and Li[PuO,]. The (+VII) state is strongly 
oxidizing and on acidification it is rapidly reduced to the (-- VI) state. 

The most important oxides are the dioxides M. O,, but the oxide systems may 
be nonstoichiometric, and contain various solid solutions. The halides are 
similar to those of uranium in structure, properties and preparation. A list of 
known compounds is given in Table 7.16. 


TABLE 7.16 Halides of Neptunium, Plutonium and Americium 


= eee 

+Ш NpF,, NpCl,, NpBr;, PuF,, PuCl,, PuBr,, AmF,, AmCI,, AmBr,, 
Npl, Pul, 

4IV NpF,, NpCl,, NpBr, PuF, AmF, 

+VI NpF, ` PuF, 

Я 


I; 
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All isotopes of plutonium are important as nuclear fuels. ?"Np is converted 
by neutron’ irradiation to ?**Pu for use as a power source in satellites, and 
241m is a valuable laboratory source of a-particles. 


| The Later Actinide Elements 


Much less information is known about the later elements curium, berkelium, 
californium, einsteinium, fermium, mendelevium, nobelium and lawrencium. 
The (+III) oxidation state is the most stable for all of these elements except 
nobelium, where the (+I) state with its favourable f" electronic configuration 
is the most stable. Higher oxidation states of (+IV) are found for curium in the 
solid but not in solution with compounds such as CmF, and Rb[CmF,]. 
Berkelium(+IV) compounds are oxidizing, but exist in both the solid and in 
solution, and ВКО, and Cs,[BkCl,] have been isolated. There is evidence of 
(+) states for the elements from 98 californium to 102 nobelium, but except 
for nobelium this state is reducing or strongly reducing in nature. Lawrencium 
exists only in the (+III) state and resists both oxidation and reduction, again 
illustrating the stability of an /!* arrangement. 

The first three elements curium, berkelium and californium have been 
obtained in milligram quantities. Their chemistry has been studied by normal 
small-scale methods, and compounds have been isolated. The remaining 
elements have been studied by radioactive tracer methods, because they are 
available in such minute amounts. In this technique the traces of the heavy 
elements are precipitated, or form complexes in the presence of major 
quantities of a carrier element which has similar chemical properties. Thus 
mendelevium is studied using the lanthanide element europium, and the 
mendelevium is detected and followed by its radioactivity. f 

The elements up to 100 fermium undergo radioactive decay mainly by 
emitting a-particles or f-particles (see Chapter 9). The elements become 
increasingly unstable as the atomic number increases, and nobelium has a half- 
life of only three seconds (Table 7.11). With these very heavy elements, 
spontaneous nuclear fission becomes the most important method of decay, and 
?*: Cf could become a valuable neutron source. 


Further Extension of the Periodic Table 


The actinide series is complete at 103 lawrencium, and elements 104 and 
105 which have been reported recently are d block elements and should 
resemble hafnium and tantalum. Element 104 was first reported by Russian 
workers and named khurchatovium, but their work was repeated by American 
workers who obtained different results and named the element rutherfordium. 
Element 105, provisionally pamed hahnium, has a half life of about 1-6 я 
seconds and was made from californium by ion bombardment with '5N nuclei. 
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The very short half-lives of the isotopes would suggest that further extension 
of the periodic table is unlikely. It could be that stable isotopes of the very 
heavy elements do in fact exist, but that the preparative techniques have only 
succeeded in producing unstable isotopes. Considerable efforts are being made 


to produce elements 114 and 126, since these would seem to be favourable. 


nuclear arrangements. Instead of continuing to build up the elements gradually 
in small steps, attempts are being made to bombard fairly heavy nuclei with 
nuclei of medium sized atoms (rather than using light nuclei such as He, B, C, 
N and О). When these nuclei combine, they will undoubtedly decay emitting 
various particles, but they could form new elements, and more stable isotopes 
of the heavy elements than have been found so far. There are enormous 
practical difficulties, and it is extremely expensive to build accelerators capable 
of imparting sufficient energy to the medium weight nuclei prior to 
bombardment. 


Problems 


1, Name the lanthanide elements in the correct order, and give their chemical 
symbols and electronic structures. 


2. In what way are the observed oxidation states of the lanthanons related to their 
electronic structures? 


3. What are the problems in the separation of the lanthanons, and in what ways are 
they overcome? 


4. What is the lanthanide contraction, and what are its consequences? 


S ERN ways does the filling of the 4/ energy level affect the rest of the periodic 
е: 


6. Contrast the electronic spectra of the lanthanide and transition metal ions. Why 
do the lanthanide ions give rise to very sharp bands in their electronic spectra, and 
why are the magnetic properties of their complexes little affected by the nature of 
the ligands? 


7. Compare the coordination numbers and stereochemistries commonly found in 
lanthanide complexes with those commonly found in transition metal complexes. 


8. Work out the number of unpaired electrons in the following ions: La*+, Ce**, 
Lu?*, Yb, Gd?*, Eu?*, Tb*. 


9. Name the actinide elements in their correct order, and give their chemical symbols. 


10. Which actinide isotopes are available (a) in tons (b) in kilograms and (c) in gram 
quantities? 


11. Compare and contrast. the pyramid of oxidation states found in the first row of the 
ie elements with the oxidation states found in lanthanides and in the 
actinides. 


12. What elements would you expect 'Rutherfordium and the (so far) unknown 
elements 105 and 106 to resemble? The electronic configurations and position of 
the heavier elements in the periodic table are controversial. What are the 
possibilities, and what is the evidence? 
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CHAPTER 8 


COORDINATION COMPOUNDS 


Double Salts and Coordination Compounds 


Molecular or addition compounds are formed when stoichiometric amounts 
of two or more stable compounds join together. For example: 


KCI + MgCl, + 6H,O + KCI.MgCl,.6H,O  (carnallite) 

K,SO, + Al,(SO,), + 249,0 + K,SO,.AL(SO,),.24H,O (potassium alum) 
CuSO, + 4NH, + H,O > CuSO, .4NH,.H,O 

(tetrammine copper (II) sulphate monohydrate) 

Fe(CN), + 4KCN > Fe(CN),.4KCN (potassium ferrocyanide) 


These fall into two categories: 


(1) Those which lose their identity in solution. 
(2) Those which retain their identity in solution. 


An aqueous solution of carnallite shows the properties of K+, Mg? and CI- 
ions. Potassium alum solutions similarly show the properties of K+, Al** and 
SO,” ions. They are called double salts and exist only in the crystalline state. 

The other two examples of addition compounds behave in a very different 
way from the double salts. When dissolved they do not form Cu?*, or Fe?* and 
CN- ions, but instead give more complicated structures—the cuproammonium 
ion [Cu(H,O),(NH,),]** and the ferrocyanide ion [Fe(CN),]*-. These аге 
complex ions and exist as a single entity. Complex ions are indicated by square 
brackets. Molecular compounds of this type are called coordination 
compounds. 


Werner's work 


Werner's coordination theory in 1893 was the first explanation of the 
bonding in coordination complexes. It was put forward before the electronic 
theory of valency and for this work Werner won the Nobel prize in chemistry. 
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Werner treated cold solutions of a series of coordination complexes with an 
excess of silver nitrate, and weighed the silver chloride precipitated. 
CoCl,.6NH, > 3AgCl 
CoCl,.5NH, > 2AgCI 
CoCl,.4NH, > 1AgCl 
He concluded that in complexes there were two different sorts of valency: 


(1) primary or ionizable valency; 
(2) secondary or non-ionizable valency. 


Werner deduced that in CoCl, .6NH, the three chlorines acted as primary 
valencies, and the six ammonias as secondary valencies. In modern terms, the 
three Cl- are ionic and hence are precipitated with AgNO,, whilst the six NH, 
ligands form coordinate bonds to Co*+ forming a complex ion (Fig. 8.1a). 


NH, 3+ NH, 2+ 
HN NH HN ci 
Ta | va "N | “ 
Со 3cr- Co 2CI- 
ARN ARN 
H,N~ | NH, HN | `мн, 
NH, NH, 
(a) (b) 
Fig. 8.1 


Werner deduced that CoCl,.5NH, could be derived from CoCl,.6NH, by , 
loss of one NH,, and at the same time one chlorine changed from being a 
primary ionizable valency to a non-ionizable secondary valency. Thus only 
two CI- are ionic and are precipitated with AgNO,, and five NH, and one 
chlorine form secondary valencies (coordinate bonds) to Co?* forming a 
complex ion (Fig. 8.1b). Similarly in CoCl,.4NH, one CI- forms a primary 
valency, whilst two chlorines and four NH, form coordinate bonds to Co**. 

The electrical conductivity of a solution depends on the concentration of 
solute and on the number of charges present. By using molar conductivities, the 
concentration is kept constant, and the number of charges in a complex can be 
deduced by comparison with known simple ionic materials (Table 8.1). These 
conductivities suggest the same structures as the AgCI results, that is 


[Co(NH),?* 3CI- 6 charges; 3 ionizable chlorines 
[Co(NH,),Cll?* 2CI- 4 charges; 2 ionizable chlorines 
[Co(NH,),Cl,]* CI- 2 charges; 1 ionizable chlorine 


Having established that the number of secondary valencies (that is the 
coordination number) was six in these complexes, Werner attempted to find the 
shape of the complex. The possible arrangements are a planar hexagon, a 
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TABLE 8.1 Conductivities of Salts and Complexes 


Molar conductivity measured 
at 0-001 M concentration 


Q-'cm?mol-! 
LiCl > Li+ СІ- (2 charges) 112-0 
CaCl, > Ca?* 2CI- (4 charges) 260-8 
CoCl,.5NH, 261-3 
CoBr,.5NH, 257-6 
LaCl, + Га? ЗСІ- (6 charges) 393-5 
CoCl,.6NH, 431-6 
CoBr,.6NH, 426-9 


trigonal prism, or an octahedron (Fig. 8.2). Werner found how many isomeric 
forms of various complexes could be prepared in the laboratory, and compared 
this with the theoretical number for each of the possible shapes (Table 8.2). 


pu e 


Planar hexagon Trigonal prism Octahedron 


Fig. 8.2 


These results strongly suggested that the shape was octahedral. This is not 
absolute proof of the shape, since the correct experimental conditions for 
preparing all the isomers may not have been found, but the shape is now 
known to be octahedral. 


TABLE 8.2 Number of Isomers 


€————ÓMMM—MHÉÓÉÓÁrc ul secca tS dmm 


Complex Experimental Planar hexagon Trigonal prism Octahedron 
observation 
MX, 1 1 1 1 
MX.Y 1 1 1 1 
МХ,Ү, 2 3 3 2 
MX,Y, 2 3 3 2 


[Ее!!! (CN) 3^ 


x 
MX, X x 
eg. 
[Co" (NHlgI** x 
x 
Y 
MX X x 
eg. 
[PtMNH3sCI" 
[Co" (NH3),CI]?* x 
x 
Y 
x Y 
X 
x 


x 
X р, Only one form 
= as all six corners 
X are equivalent 
x 
Y 
: x x 
x 
Y 
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Only one form 


Two isomers 
cis and trans 


Two isomers 
and facial Fac- 


meridianal Mer- 


MXa¥ 
eg. 
(Pt'(NH3)4Cb]?* 
(Co! (NH34CL]* 
[Pt MNHa); CL] 

Cis Trans 

Y Y 
e MX3Y3 x Y X x 
[PIMNH3)SCII* M M 
1Со(мнз) Cl] UE ХТУ 
x Y 
Fac- Mer- 


Fig. 8.3 Isomers in octahedral complexes . 


With a bidentate ligand such as ethylenediamine, or 1,2-diaminoethane, two 


optically active isomers can be formed. 


М(еп)з 


d form 


Mirror 
plane 


| form 


In a similar way, Werner found two different isomers for complexes such as 
[Pt"(NH,),Cl,] and [Pd"(NH;),Cl,], thus proving they were square-planar 


rather than tetrahedral (Fig. 8.4). 
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ий. „© mek NH 
нм 


E 3 
HN^ “а ^a 


Fig.8.4 Isomerism in square planar complexes. 


More Recent Methods of Studying Complexes 


Depression of freezing point (cryoscopic) measurements depend on the 
number of particles present, and indicate whether or not the molecules 
dissociate. If a molecule dissociates into two particles it will give twice the 
expected depression for a single particle, three particles give three times the 
expected depression etc. Thus 


LiCl > Lit + CI- (2 particles) (2 charges) 
MgCl, + Mg** + 2CI- (3 particles) (4 charges) 
LaCl, + La?* + 3CI- (4 particles) (6 charges) 


This information is not the same as the number of charges which can be 
obtained from conductivity measurements, and the two types of information can 
be used together to establish the structure (Table 8.3). 


TABLE 8.3 
Formula Cryoscopic Molar Structure 
measurement conductivity 
CoCl,.6NH, 4 particles 6charges [Co(NH,),]*+ 3CI- 
CoCl,.5NH, 3 particles 4charges [Co(NH,),Cl]?+ 2CI- 
CoCl,.4NH, 2 particles 2charges [Co(NH,),Cl,]* CI- 
CoCl,.3NH, 1 particle Ocharge [Co(NH,),Cl,] 


Co(NO,);.KNO,.2NH, 2 particles 2chargs K*[Co(NH,),(NO,),]~ 
Co(NO,);.2KNO,.NH, 3 particles 4charges 2K * [Co(NH,)(NO,)<]?~ 
Co(NO,);.3KNO, 4 particles 6charges ЗК + [Co(NO,),]?- 


The magnetic moment can be measured (see Chapter 6) and this provides 
information about the number of unpaired electron spins present in a complex, 
and the orbitals that are occupied. In some cases the structure of the complex 
can be deduced—for example the compound Ni'(NH,),(NO,),.2H,O could 
contain four ammonia molecules coordinated to Ni with a square planar 
[Ni(NH,),]?+ ion and two molecules of water of crystallization and have no 
unpaired electrons, or alternatively the water could be coordinated to the metal 
giving an octahedral [Ni(H,O),(NH,),]?* complex with two unpaired 
electrons. 

Dipole moments may also yield structural information for non-ionic com- 
plexes. For example the complex [Pt(NH,),Cl,] is square-planar, and can exist 
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in cis or trans forms. The dipole moments would cancel out in the trans 
configuration, but would give a finite dipole moment for the cis arrangement. 

Electronic spectra (uv and visible) also provide valuable information on the 
energy of the orbitals, and on the shape of the complex. It is possible to 
distinguish between tetrahedral and octahedral complexes, and whether the 
shape is distorted or regular. 

The most valuable method is the X-ray determination of the crystal 
structure, since this provides details of the exact shape, and the bond lengths 
and angles of the atoms in the structure. 


Effective Atomic Numbers 


The simple Werner theory of complexes is that coordinate bonds are formed 
between the ligands and the central metal ion in a complex; that is, a ligand 
donates an electron pair to the metal ion. Coordination compounds are formed 
very readily by the transition metals since they have vacant d orbitals which 
can accommodate donated electron pairs. The number of coordinate bonds 
which can be formed depends largely on the number of vacant orbitals of 
suitable energy. The effective atomic number rule states that when forming a 
complex, ligands are added until the total number of electrons on the central 
metal atom or ion plus the electron pairs donated by the ligands becomes the 
same as the number of electrons in the next inert gas. Consider K,[Fe(CN),] 
potassium hexacyanoferrate(II) (formerly called potassium ferrocyanide). An 
iron atom has 26 electrons, so the central metal ion Fe?* has 24 electrons. The 
next inert gas Kr has 36 electrons, so the addition of six electron pairs from six 
CN- ligands raises the effective atomic number (EAN) of Fe?* in the complex 
[Fe(CN),I^- to 24 + (6 x 2) = 36. Further examples are given in Table 8.4, 


TABLE 8.4 Effective Atomic Numbers of Some Metals in Complexes 


Atom Atomic Complex Electrons lost Electrons EAN 
number in ion gained by 
formation coordination 
Fe 26 [Fe(CN),]* 2 12 36 
Со 27 [Со(МН,)рР+ 3 12 36 (к) 
Ni 28 [Ni(CO),] 0 8 36 
Cu 29 [Cu(CN),I- I 8 36 
Pd 46 [Pd(NH,),]** 4 12 54 (Xe) 
Pt 78 [PtCi,]?- 4 12 86 (Rn) 
Cr 24 [Cr(NH4)?* 3 12 33 
Fe 26 [Fe(CN),]*- 3 12 35 
Ni 28 [Ni(NH,),]?*+ 2 12 38 
Pd 46 Грасі,]2- 2 8 52 
Pt 78 [Pt(NHjI?* 2 8 84 


number of complexes there аге a significant number of exceptions where the 
EAN is not quite that of an inert gas. 

The tendency to attain an inert gas configuration is a significant factor but 
not a necessary condition for complex formation, because it is also necessary 
to produce a symmetrical structure (tetrahedral, square-planar, octahedral) 
irrespective of the number of electrons involved. 


Shapes of d orbitals 


Since d orbitals are frequently used in coordination complexes it is important 
to study their shapes and distribution in space. All the five d orbitals are not 
identical and there are in fact two sets. The /,, orbitals point in between the 
axes, x, y and z and the e, orbitals point along the axes (Fig. 8.5). Alternative 
names for t, and e, are de а ау respectively. 


х y 


—-y -z 


e 
orbitals 
(dy) 


d,2y2 4,2 
Fig. 8.5 
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but though the EAN rule correctly predicts the number of ligands in a large 
Bonding in Transition Metal Complexes | 


There are three modern theories of metal to ligand bonding in complexes. 

1. Crystal field theory. In this the attraction between the central metal and 
ligands in the complex is considered to be purely electrostatic, either ion- 
ion attraction between positive and negative ions, or ion-dipole 
attractions if the ligand is a neutral molecule. 

2. Ligand field theory. This is a development of the electrostatic approach 
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which allows for some covalent interaction between the orbitals on the 
metal and the ligand. There are three types of interaction possible: с 
overlap of orbitals, л overlap of orbitals, or dz-pz bonding (back- 
bonding) due to л overlap of full d orbitals on the metal with empty p 
orbitals on the ligand. 

3. Molecular orbital theory. The bonds are considered to be mainly 
covalent. The ligands provide electron pairs which occupy о and л 
bonding, antibonding, and sometimes non-bonding molecular orbitals in 
the complex. 


Crystal Field Theory 


The transition metal which forms the central atom in the complex is 
regarded as a positive ion, and is surrounded by negative ligands or neutral 
molecules which have a lone pair of electrons. If the ligand is a neutral 
molecule such as NH,, the negative end of the dipole in the molecule is directed 
towards the metal ion. The electrons on the central metal are under repulsive 
forces from the ligands, hence they will occupy the d orbitals furthest away 
from the direction of approach of ligands. 

In the crystal field theory the following assumptions are made. 

1. Ligands are treated as point charges. 

2. There is no interaction between metal orbitals and ligand orbitals. 

3. The d orbitals on the metal which were all the same energy that is 
degenerate in a free atom, have their degeneracy destroyed by the ligands 
when a complex is formed. 

In an isolated gaseous metal ion, the five d orbitals all have the same energy, 
and are termed degenerate. If a spherically symmetrical field of negative 
charges surrounds the metal ion, the d orbitals remain degenerate, but their 
energy is raised because of repulsion between the field and the electrons on the 
metal. In the majority of complexes, either six or four ligands surround the 
metal, giving octahedral or tetrahedral structures, and the field produced by the 
ligands is not spherically symmetrical so the d orbitals are not all affected 
equally by the ligand field. 


Octahedral Complexes 


In an octahedral complex, the metal is at the centre of the octahedron, and 
the ligands are at the six corners. The directions x, y and z point to the corners 
of the octahedron (Fig. 8.6). The e, orbitals (d,._y2 and d,) are directed along 
the axes and the /,, orbitals (d,,, dyz» dyz) point in between the axes x, y and z. It 
follows that the approach of six ligands along the x, y,z,—x,—) and —z directions 
will increase the energy of the d,._ y: and d; orbitals which point along the axes 
much more than the d,,, dẹ, and d,, orbitals which point in between the axes. 
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Thus under the influence of an octahedral 

ligand field the d orbitals split into two 

groups of different energy (Fig. 8.7). Rather 

y than referring to the energy level of an 

isolated metal atom, the weighted mean of 

these two sets of perturbed orbitals is taken 

as the zero. The difference in energy between 

the two d levels is given either of the 

symbols A, or 10 Dq. It follows that the e, 

x orbitals are +0-6 A, above the average 


Fig. 8.6 level, and the t;, orbitals are —0-4 A, below 


Energy 


the average (Fig. 8.8). 


va Two groups of 
d orbitals in 
octahedral 
ligand field 


| 


Five —— 
degenerate 
d orbitals 


in isolated 
metal ion 


Fig.8.7 Crystal field splitting of energy levels in octahedral field. 
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Diagram of energy levels of d orbitals in an octahedral field. 


Fig. 8.8 
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(a) Ground state (b) Excited state 


Fig. 8.9 Ground and excited states for d' configuration. 


The size of the energy gap A, between the t,, and e, levels can be measured 
easily by recording the uv-visible spectrum of the complex. Consider a complex 
like [Ti(H,O),I?*. The Ti+ ion has one d electron. In the complex this will 
occupy the orbital with the lowest energy, that is one of the t;, orbitals (Fig. 
8.9a). The complex absorbs light of the correct wavelength (energy) to promote 
the electron from the t, level to the e, level (Fig. 8.9b). The electronic spectrum 
for [Ti(H,O),]?* is given in Fig. 8.10. The steep part of the curve from 27 000 
to 30000 стт! is due to charge transfer and occurs in the uv region. The d-d 
transition is the single broad peak with a maximum at 20 300 ст^!. Since 1 
kJ mol-! = 83-7 cm-! the value of A, for (Ti(H,O),]** is 243 kJ mol-!. This is 
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Fig. 8.10 Ultraviolet and visible absorption spectrum of [Ti(H,0),]**. 
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much the same as the energy of many normal single bonds (see Appendix ТУ). 
Solutions containing the hydrated Ti*+ ion are violet coloured because yellow, 
green and blue light are absorbed to excite the electron, hence the transmitted 
light is mainly a mixture of red and violet. The above method is the most 
convenient method of measuring A, values, but they can also be obtained 
from values of observed lattice energies and those calculated using the Born- 
Landé equation (see Chapter 2). 

Because of the crystal field splitting of d orbitals, the single d electron in 
[Ti(H;O),P* occupies an energy level 3A, below the average energy of d 
orbitals, and is consequently more stable. The crystal field stabilization energy 
(CFSE) is in this case 4 x 243 = 97 kJ mol-'. 

The magnitude of A, depends on three factors: 

1. the nature of the ligands, 

2. the charge on the metal ion, 

3. whether the metal is in the first, second or third row of transition 

elements. 


By examining the spectra of a whole series of complexes, it has been found 
that the position of the absorption band and hence the value of A, for any 
given transition metal ion, varies depending on the ligands attached (Table 8.5). 


TABLE 8.5 Crystal Field Splittings by Various 


Ligands 
Absorption peak А, 
em^! kJ mol"! 
[Crec] 13 640 163 
ІСтщн,О),]з+ 17 830 213 
[Cr (NH),IP* 21680 259 
[Cr (CN), P 26 280 314 


Ligands which cause only a small degree of splitting are termed weak 
ligands, and those which cause a large splitting are called strong ligands. The 
common ligands can be arranged in order of strength, and this series is called 
the spectrochemical series 
weak ligands 
I < Br < CI- < NO, < F- < OH- < H,O and oxalate < EDTA < NH, and 

pyridine < ethylenediamine < dipyridyl < o-phenanthroline < NO;- < CN- 
strong ligands 
The splitting produced by strong CN- ligands is about double that from weak 
ligands. 

The magnitude of A, increases as the charge on the metal ion increases, and 
M?* complexes have roughly double the values for М?+ complexes (Table 8.6). 

The value of A, also increases on descending a group of transition elements 
(Table 8.7). 
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TABLE 8.6 Crystal Field Splittings for Hexa-aquo Complexes of M?* and М?+ 


Ti M Cr Mn Fe Co Ni Cu 
Oxidation ^ Electronic Ф d at ds 4% d a d? 
state configuration 
(+) A, in cm-! — 12600 13900 7800 10400 9300 8500 12600 
A, in kJ тог! г; 151 166 93 124 11 102 151 
Oxidation ^ Electronic 4! d d d* ds ds а d* 
state configuration 
(+Ш) A, in cm~ 20300 17700 17400 21000 13700 — — — 
A, in kJ mol 243 211 208 251 164 — — — 


TaBLE 8.7 Crystal Field Splittings in One Group 


of Elements 
A, 
em! kJ mol"! 
ІСо(мн,), 2+ 23 000 275 
[Rh(NH,),]** 34000 406 
{Ir(NH,),]** 41000 490 


The crystal field stabilization energy in [Ti(H,O),*, which has a d' 
configuration has previously been shown to be —0:4 Л. In a similar way, 
complexes containing a metal ion with a d? configuration will have a CFSE of 
2 x —0-4 A, = —0-8 A, by singly filling two of the tz, orbitals in accordance 
with Hund's rule that the maximum number of unpaired electrons is the most 
stable. Complexes containing a d? metal ion have a CFSE of 3 x —0-4 A= 
—1:2 A,. 

Complexes with a metal ion with a d^ configuration would be expected to 
have an electronic arrangement in accordance with Hund's rule (Fig. 8.11a) 
with four unpaired electrons, and the CFSE will be 3 x —0-4 A, + 0-6 A, = 
—0:6 A,. 


(a) d* high spin arrangement (b) d*low spin arrangement 
(weak ligands) (strong ligands) 


Fig.8.11 High and low spin complexes. 
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An alternative arrangement of electrons which does not comply with Hund’s 
rules is shown in Fig. 8.11b. This has two unpaired electrons, and the CFSE is 
4 x —0-4 A, = —1-6 А,. The CFSE is larger than in the previous case, but 
some energy has been used to pair the electrons. These two arrangements differ 
in the number of unpaired electrons, and the one with the most unpaired 
electrons is called ‘high spin’ or ‘spin free’, and the other one the ‘low spin’ or 
‘spin paired’ arrangement. Which of these two arrangements occurs in any 
complex depends on whether the energy to place an electron in the upper е, 
level is greater than the energy to pair electrons in the lower t» level. This is 


TABLE 8.8 CFSE and Electronic Arrangements in Octahedral Complexes 


py Arrangement in weak ligand field Arrangement in strong ligand field 
Nude b, е, CFSE Spin only t e, CFSE Spin only 
A, magnetic A, magnetit 
moment moment 
u, (D) а, (D) 
d Wu | | —04 173 ! —0-4 173 
SE Ds et: 08 285 T] | -08 28 
Ф gd —12 387 [ft [PT [1-12 3% 
o D | 
EISES oe 4:90 Т _] -16 288 
мо 
$ (tf fI +125 59 [niti] -20 LB 
SG 
d it alt TE WE Tt EM 490 Ш 2-4 000 
& (APE 12 зз RHET] 556. 29 
=—0.8 =—1+8 
2-4 2-4 
a qutt | «2. 28s MENEE] +12. 283 
2-12 =—1-2 
TS 204 
e (ition пв unn an un из, тт 
22. 2-4 
e» И ЇЙ ШИП +4 ооо OA м4 ош 
=0.0 =0.0 
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determined by the strength of the ligands. A weak ligand such as CI- will only 
cause a small splitting of energy levels A,, hence it will be more favourable 
energetically to occupy the upper e, level and have a high spin complex, rather 
than pair electrons. In a similar way, strong ligands such as CN- cause a large 
splitting A, hence it uses less energy to pair the electrons and form a low spin 
complex. Similar arguments apply to high and low spin complexes of metal 
ions with d5, d$ and d? configurations. These are summarized in Table 8.8. 


Effects of Crystal Field Splitting 


In octahedral complexes, the filling of ¢,, orbitals decreases the energy, that 
is makes it more stable by —0-4 A, per electron, and filling e, orbitals increases 
the energy by +0-6 A, per electron. The total crystal field stabilization energy 
is given by 


CFSE (octahedral) = —0-4n,, + 0-6n,, 


where л, and п, are the number of electrons occupying the f,, and e, orbitals 
respectively. The CFSE is zero for ions with d? and d" configurations in both 
strong and weak ligand fields, and also for 2° configurations in a weak field. АП 
the other arrangements have some CFSE, which increases the thermodynamic 
stability of the complexes. Thus many transition metal compounds have a 
higher measured lattice energy (obtained by measuring the terms in the Born- 
Haber cycle) than is calculated using the Born-Landé, Born-Meyer or 
Kapustinskii equations, whereas the measured (Born-Haber) and calculated 
values for compounds of the main groups (which have no CFSE) are in close 
agreement (Table 8.9). There is also close agreement in MnF, which has a 2° 
configuration and weak ligands, hence no CFSE. 


TABLE 8.9 Measured and Calculated Lattice Energies 


Zompound Structure Calculated lattice Measured lattice Difference 

energy energy measured- 

kJ mol kJ mol"! calculated 

kJ mol"! 
NaCl Sodium chloride —164 —764 0 
AgCl Sodium chloride —784 —916 —132 
АрВг Sodium chloride —159 —908 —149 
MgF Rutile —2915 —2908 +1 
MnF, Rutile 2746 27170 —24 
FeF, Rutile —2152 —2912 —160 
МЕ, Кийе —2917 —3046 —129 
CuF, Rutile —2885 —3042 2157 
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Са Sc Ti V Cr Mn Fe Co Ni Cu Zn 
Fig. 8.12 CFSE of dihalides of first transition series. (After T. C. Waddington, 
Lattice energies and their significance in inorganic chemistry, Advances in Inorganic 
Chemistry and Radiochemistry, 1, Academic Press, New York, 1959). 


A plot of the lattice energies of the halides of the first row transition elements 
in the divalent state is given in F ig. 8.12. In the solid, the coordination number 
of these metals is six, so the structures are analogous to octahedral complexes. 
The graphs for each of the halides show a minimum at Mn”, which has a d? 
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configuration, and in a weak field this has a high spin arrangement with zero 
CFSE. The configurations d? and d™ also have zero CFSE, and the broken 
line through Ca?*, Mn? and Zn?* represents zero stabilization, and the heights 
of other points above this line are the crystal field stabilization energies. 

The hydration energies of the M?* ions of the first row transition elements 
are plotted in Fig. 8.13a. 


М}, + excess H,O > [M(H,0),]?* 


The ions Ca?*, Mn?* and Zn?* have d", 2° and d™ configurations, and have 
zero CFSE. An almost straight line can be drawn through these points, and the 
distance of the other points above this line corresponds to the CFSE. Values 
obtained in this way are in agreement with those obtained spectroscopically. A 
similar graph of the М?* ions is shown in Fig. 8.13b, but here the 2°, 2° and 
d" species аге Sc3+, Fe?* and Ga?*. 
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Еір. 8.13 Heats of hydration for M?* and M3+,in kJ mol. 


The ionic radii for M?* ions might be expected to decrease smoothly from 
Са?+ to Zn2+ because of the increasing nuclear charge, and the poor shielding 
by 4 electrons. A plot of these radii is given in Fig. 8.14, but the change in size 
is not regular. A smooth (broken) line is drawn through Ca?*, Mn?* and Zn? 
which have d", d5 and d! configurations since the d orbitals are empty, half 
full or full, and constitute an almost spherical field round the nucleus. In Tit 
the d electrons occupy orbitals away from the ligands, providing little or no 
shielding of the nuclear charge, hence the ligands are drawn closer to the 
nucleus. The increased nuclear charge has an even greater effect with У?+. At 
Cr?* the e, level contains one electron, which is concentrated in the direction of 
the ligands, thus providing extremely good shielding—hence the ligands can no 
longer approach so closely and the ionic radius increases. This increase in size 
is continued with the filling of the second e, orbital at Mn**. The screening by 
the е, orbitals is so good that Mn? is slightly smaller than if it were in a truly 
spherical field. The same sequence of size changes is repeated in the second half 
of the series. 
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Fig. 8.14 Octahedral ionic radii of M?* ions for the first row of transition-elements. 


Tetragonal Distortion of Octahedral Complexes (Jahn-Teller Distortion) 


The stereochemistry or shape of transition metal complexes is determined by 
the tendency of electron pairs to occupy positions as far away from each other 
as possible, in exactly the same way as for the main group compounds and 
complexes, but in addition, the transition elements are affected by the presence 
of non-bonding d electrons. If the d electrons are symmetrically arranged with 
respect to an octahedral ligand field, they will repel all six ligands equally and а 


TABLE 8.10 Symmetrical Electronic Arrangements 


Electronic hye e, Nature of Examples 
configuration ligand field 
а Strong or weak ТУО, , [ТІУЕ, ]2- 
Ф ЕТЕ Е Strong or weak [Cr!(oxalate),]?-, [Cr!! (H,O),?* 
@ EEEIEE] we [Mn'F]4-, [Ееше,2- 
d ДЇ Strong [Fe (CN)J*-, ICo(NH.) + 
d ҮН" ЇЇ | weak [Ni'F J“, [Ni (H,O) 2+ 
ао tilt it if {|| |] Strong or weak [Zn"(NH,),]*, [Zn"(H,0),?* 
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TABLE 8.11 Unsymmetrical Electronic Arrangements 


he е, Examples 
d! (high spin, i.e. weak ligand) РЕ Сг(+П), Мп(+Ш) 
d' (ом ѕріп, і.е. strong ligand) |} {it {/f |||} Co(+II), М(+Ш) 
d? (Боё high and low spin) Hipp] eem 


completely regular octahedral structure will be formed. The symmetrical 
arrangements are shown in Table 8.10. All other arrangements have an 
unsymmetrical arrangement of d electrons. Since the /„ orbitals point in 
between the ligand directions, asymmetric filling of these orbitals has little 
effect on the stereochemistry. In contrast, the e, orbitals point directly at the 
ligands, hence asymmetric filling of these orbitals causes some ligands to be 
repelled more than others, resulting in significant distortion of the octahedral 
shape. This effect is shown in the following cases (Table 8.11). The two e, 
orbitals d,, ,, and d, are normally degenerate, but if the e, level is 
asymmetrically filled in an octahedral environment, this degeneracy is 
destroyed, and the two orbitals are no longer equal in energy. The crystal 
structure of CrF, is a distorted rutile (TiO,) structure in which Cr?* is 
octahedrally surrounded by six F-, and there are four Cr-F bonds of 1:98— 
2-01 A, and two longer bonds of length 2-43 А. The octahedron is said to be 
tetragonally distorted. The electronic arrangement in Cr?* is d*, and Е- is a 
weak ligand, so the /,, level contains three electrons and the e, level contains 
one electron. The d,, уг orbital has four lobes whilst the d, orbital has only 
two lobes pointing at the ligands. To minimize the repulsion with the ligands, 
the single е, electron will occupy the d;; orbital. This is equivalent to splitting 
the degeneracy of the e, level so that d,, is more stable and d,2_ у; less stable. 
Thus the two ligands approaching along the +z and —z directions are subjected 
to greater repulsion than the four ligands along +x, —x, +y and —y, resulting in 
tetragonal distortion with four short bonds and two long bonds. In exactly the 
same way MnF, contains Mn*+ with a d* configuration, and forms a 
tetragonally distorted octahedral structure. 2 

A number of Си(+П) salts and complexes also show tetragonally distorted 
octahedral structures. Cu?* has a d? configuration 


1, (3 
e [up 


To minimize repulsion with the ligands, two electrons occupy the d, orbital 
and one electron occupies ће d,2_ уг orbital. Thus the two ligands along +z and 
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—z are repelled more strongly than the other four ligands (see Chapter 6, 
Copper complexes). 

The examples above show that whenever the d,, and d,,_ уз orbitals are 
unequally occupied, distortion known as Jahn-Teller distortion occurs. The 
Jahn-Teller theorem states that ‘any nonlinear molecular system in a 
degenerate electronic state will be unstable, and will undergo some sort of 
distortion to lower its symmetry and remove the degeneracy’. More simply, 
molecules or complexes of any shape except linear, which have an unequally 
filled set of orbitals (either t,, or é,), will be distorted. In octahedral complexes, 
distortions from the t; level are too small to be detected, but distortions from 
uneven filling of the e, orbitals are very important. 


Square-Planar Arrangements 


If the central metal ion in a complex has a d* configuration, six electrons will 
occupy the /;, orbitals and two electrons will occupy the e, orbitals, regardless 
of whether the ligands have a strong or a weak octahedral ligand field. In a 


& 


Fig. 8.15 d* arrangement in weak octahedral field. 


| 


weak field the electrons are arranged (Fig. 8.15). The orbitals are symmetri- 
cally filled, and a regular octahedral complex is formed for example 
[Ni (H,O),I?* and [Ni!"(NH,),]?+. The single electron in the 4,2 уз orbital is 
being repelled by four ligands, whilst the electron in the d, orbital is only being 
repelled by two ligands. Thus the energy of d,,_,2 increases relative to that of 
4, and if the ligand field is sufficiently strong, the difference in energy between 
these two orbitals becomes larger than the energy needed to pair the electrons. 
Under these conditions, a more stable arrangement arises when both the е, 
уг 


Fig. 8.16 dë arrangement in very strong octahedral 
t | da field. (Note that the ¢,, level is also split, the d,, being 
higher in energy than d ог d,,, but for simplicity this is 
ignored.) 


ШП» 
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x 
Fig. 8.17 


electrons pair up and occupy the lower energy d, orbital, leaving dy , empty 
(Fig. 8.16). Thus four ligands can now approach along the --x, —x, +у and —y 
directions without any difficulty, since the d, ,; orbital is empty. However, 
ligands approaching along the --z and —z directions meet very strong repulsive 
forces from the filled d,, orbital (Fig. 8.17). Thus only four ligands succeed in 
bonding to the metal, and a square planar complex is formed, resulting from an 
unsuccessful attempt to form an octahedral complex. Square planar complexes 
are formed by d? ions with strong ligands, for example [МІ (СМ), ]2-. The 
crystal field splitting A, is larger in heavier elements, or more highly charged 
species, and all the complexes of Pt(-II) and Аџ(+Ш) are square 
planar—including those with weak ligands such as halide ions. 

Square-planar structures also arise from d^ ions in a weak ligand field, 
although in this case (һе d,» orbital only contains one electron. 


TABLE 8.12 Ions That Form Square Planar Complexes 


Electronic Ions Type of field Number of 
configuration unpaired electrons 

d* Сг(+1) Weak 4 
d$ Fe(+II) (Haem) 2 
d Со(+П) Strong 1 
d Ni(+ID, Rh (+1), Ir(-I) Strong 0 

Ра(+П), Pt(-ID, Au(-III) Strong and weak 0 
d Си(+П), Ag(+ID Strong and weak 1 


Tetrahedral Complexes 

A regular tetrahedron is related to a cube, with an atom at the centre, and 
four of the eight corners occupied by ligands (Fig. 8.18). 

The directions x, y and z point to the centres of the faces of the cube. The e, 
orbitals point along x, y and z (that is to the centres of the faces) and the /,, 
orbitals point in between x, y and z (that is towards the centres of the edges of 


the cube) (Fig. 8.19). 


Fig. 8.18 


The direction of approach of the ligands does not coincide exactly with 
either the e, or the t,, orbitals. The angle between an e, orbital, the central 
metal and the ligand is half the tetrahedral angle = 109° 28’/2 = 54° 44’. The 
angle between a t, orbital, the central metal and the ligand is 35° 16’. Thus 
the t» orbitals are nearer to the direction of the ligands than the e, orbitals. 
(Alternatively the /,, orbitals are half the side of the cube away from the 
ligands, whilst the e, orbitals are half the diagonal of the cube away.) The 
approach of the ligands raises the energy of both sets of orbitals, but since the 
t,, orbitals are closest to the ligands, their energy is raised most. This crystal 
field splitting is the opposite way round to that in octahedral complexes (Fig. 
8.20). Referring to the weighted average energy of the two groups, the /;, 
orbitals are 0-4 A, above the average and the e, orbitals are 0-6 A, below the 
average (Fig. 8.21). The magnitude of the crystal field splitting A, in tetrahedral 
complexes is considerably less than in octahedral fields. Since there are only 
four ligands instead of six, the ligand field is only 3 as great, and the fact that 
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Fig. 8.20 Crystal field 
splitting of energy levels in a 
tetrahedral field. 


Five degenerate d orbitals 
in isolated metal ion 


tog 


Fig.8.21 Energy levels for d 


^. orbitals in a tetrahedral field. 


ез 


the orbitals do not coincide with the direction of the ligands roughly reduces 
the splitting by a further 4. Thus tetrahedral A, is roughly $ of the octahedral 
A. A strong ligand field causes a bigger energy difference between /„ and e, 
than a weak field. However, the tetrahedral A, is always much smaller than the 
octahedral A, it is never energetically favourable to pair electrons; hence all 
tetrahedral complexes are high spin. 

From the comparison of CFSE in both octahedral and tetrahedral 
environments given in Table 8.13, it can be seen that the CFSE for d, 2° and 
d? arrangements is zero in both octahedral and tetrahedral complexes. In all 
other cases, the octahedral CFSE is greater than the tetrahedral CFSE. For the 
configurations d! and d$ in a weak ligand field (high spin), the loss in CFSE if 
a tetrahedral complex is formed rather than an octahedral complex is only 0-13 
A. It follows that octahedral complexes are generally more stable and more 
common than tetrahedral complexes, partly because there are six bond energy 
terms rather than four, and partly because there is a larger CFSE term. 
Tetrahedral complexes are favoured 

(i) where the ligands are large and bulky and could cause crowding in an 
octahedral complex 

(ii) when the ligands are weak, so the loss in CFSE is less important 
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TABLE 8.13 CFSE and Electronic Arrangements in Tetrahedral Complexes 


Number Arrangement Spinonly  Tetrahedral Tetrahedral Octahedral 
ofd of electrons magnetic CFSE CFSE scaled CFSE A, 
electrons moment for comparison — — — —— 

with octahedral Weak Strong 
values, field field 

assuming 

е, by u (D) A A -$A, 
do 1.733 —0-6 —0-27 20:4 12:04 
quom 2.83 —12 —0-53 —0.8 —08 
e ft Tif 387 —1-2+0-4=-0.8 0-36 Бег? 
di gg ! i 490 —1-2 + 0-8 = —0-4 —0.18 = 0:60 12:16 
(Lise Ae ДИЙ ШЫ ПАН 5.922 —1:2 + 1-2=0-0 0-00 0-0 —2-0 
ds Hilt lt if if | 4-90 -1-84+1-2=-0-6 ——027 0:4 —24 
4, ТАЕ) 3-87 -2-441-2=-1.2  ~0.53 0:8) EM 
e ҮРК! ] 283 -2-4 4 1-6 =-0-8 0-36 319517 
@ „ККЕ | r7 —24420--—04 0-18 0-6 —0-6 
ao ТН) 00 -2-4 + 2-4 =0-0 0-00 0-0 00 


(iii) where the central metal has a low oxidation state, since this reduces the 
magnitude of A 

(ivy where the electronic configuration of the central metal is 49, d5 or d!° 
since there is no CFSE or 4! or 4% where the loss in CFSE is small. 


Many transition metal chlorides, bromides and iodides form tetrahedral 
structures. 


Chelates 


Some of the factors that favour complex formation have already been 
mentioned. Small highly charged ions with suitable vacant orbitals of the right 
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energy, the satisfaction of the effective atomic number rule, the attainment 
of a symmetrical shape and a high CFSE all favour complex formation. 

In some complexes a ligand occupies more than one coordination position, 
that is more than one atom in the ligand is bonded to the central metal. For 
example, ethylenediamine forms a complex with copper ions: 


CH,.NH, CHENE, PLC a 
Си?# +2 | = Cu 
CH,.NH, PES 
CH,-NH, NH;-CH, 


2+ 


In this complex the copper is surrounded by four -NH; groups. Thus each 
ethylenediamine molecule is bonded to the copper in two places, hence it is 
called a bidentate group or ligand. A ring structure is thus formed (in this case 
a pair of five-membered rings) and such ring structures are called chelates. 
Chelated complexes are more stable than similar complexes with unidentate 
ligands, since dissociation of the complex involves breaking two bonds rather 
than one. Some common polydentate ligands are listed in Table 8.14. 


TABLE 8.14 Some Common Bidentate Ligands 


Сна Seat 
—o- \ 0 „S 
PEN Now ONS ЖАЙ? 
e | dd ccm 
\^о pro” “5 
Zi o E 
Сн» 
Acetylacetonato ion Oxalate ion N,N'-Diethylthiocarbamate 
ion 


^x x 
Salicylaldehyde anion 2,2'-Dipyridyl 1,10-Phenanthroline 
(o-phenanthroline) 
СНз ен 
D em AS(CH,), 
| 
| N N # 
9 \ І » 
W AS(CH4) 
N go JN a зә 
{о б? 
2 
8-Hydroxyquinolinol ion Dimethylglyoxime o-Phenylenebisdimethyl- 


(oxine) anion arsine (diarsine) 
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The more rings that are formed, the more stable the complex. Chelating 
agents with three, four and six donor atoms are known and are termed tri-, 
tetra- and hexadentate ligands. An important example of the latter is 
ethylenediaminetetraacetic acid, which bonds through two nitrogen and four 
oxygen atoms to the metal, and so forms five rings. Due to this bonding, even 
complexes with large ions such as Ca?* are stable. 


-doc.cu,,. UR SI 
ра. 
—O0O0C.CH; сн,с00- 
EDTA 4 


Chelate compounds are even more stable when they contain a system of 
alternate double and single bonds. The л electron density is delocalized and 
spread over the ring, which is said to be stabilized by resonance. Examples of 
this include acetylacetone and porphyrin complexes with metals (Fig. 8.22) 


CHa CH3 

~ О, "€ 

== — 
L0 a T CABINA 
єн M = сн M 
МОУ ТО А ow? 
C—O с=—=о 

TA vA 

CH3 CH 
Resonance in acetylacetone chelate Porphyrin complex 
Fig. 8.22 


A number of chelate compounds are of biological importance. In particular 
haemoglobin in the red blood cells contains an iron-porphyrin complex, 
chlorophyll in green plants contains a magnesium-porphyrin complex, vitamin 
В|; is a cobalt complex and the cytochrome oxidase enzymes contain iron and 
copper. The body contains a number of materials which will form chelate 
compounds with metals, for example adrenalin, citric acid and cortisone. Metal 
poisoning by lead, copper, iron, chromium and nickel results in these materials 
forming unwanted complexes, thus preventing normal metabolism. Thus 
dermatitis from chromium or nickel salts is treated with EDTA cream. Lead 
and copper poisoning are treated by ingesting EDTA, when the metal-EDTA 
complex is excreted in the urine. 
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Nomenclature of Coordination Compounds 


The International Union of Pure and Applied Chemistry published rules for 
the systematic naming of coordination compounds in 1957. These are 
summarized in the Chemical Society’s Handbook for Authors (special 
publication No. 11), and this system is widely accepted. Details of the 
recommended system are as follows: 


1; 
2: 


м 


The positive ion is named first followed by the negative ion. 
Coordinated groups are listed in the following order: negative ligands, 
neutral ligands then positive ligands. Negative ligands end in -o, for 
example CN- cyano, CI- chloro, NO,- nitro and OH- hydroxo. If there 
are several negative ligands present, these are listed alphabetically. 
Neutral groups have no special endings, e.g. NH, ammine, H,O aquo, 
CO carbonyl, NO nitrosyl, and hydrocarbons which end in -yl, for 
example phenyl or methyl. If several neutral ligands are present, these are 
listed: H,O, NH,, then any others alphabetically. 
Positive groups end in -ium, e.g. NH,-NH,* hydrazinium. 


. The prefixes di, tri, tetra, penta and hexa indicate the number of ligands 


of that type. When the name of the ligand includes a number, e.g. 
dipyridyl or ethylenediamine then bis, tris and tetrakis are used instead of 
di, tri and tetra and the group is placed in brackets. 


. The oxidation state of the central metal is shown by a Roman numeral in 


brackets immediately following its name. 


. Complex positive ions and neutral molecules have no special ending but 


complex negative ions end in -ate. 


. If the complex contains two or more metal atoms, it is termed 


polynuclear. The ligands which link the two metal atoms are called bridge 
groups and are separated from the rest of the complex by hyphens and 


denoted by the prefix д. 


. If any lattice components such as water or solvent of crystallization are 


present, these follow the name, and are preceded by the number of these 
groups in Arabic numerals. 


These rules are illustrated by the following examples: 


[Co(NH;),]Cl, Hexamminecobalt(III) chloride 
[Co(NH,),Cll** Chloropentamminecobalt(III) ion 
[Co(NH;),SO,INO, Sulphatotetramminecobalt(III) nitrate 
[Co(NH,(NOJ] Trinitrotriamminecobalt(III) 
[Co(NH;),NO,.CI. CN] Chlorocyanonitrotriamminecobalt(IIT) 
[Cr(en);lCl, *tris(ethylenediamine)chromium(III) chloride 
K,[Fe(CN), Potassium hexacyanoferrate(II) 
[Pt(py),][PtCl,] Tetrapyridineplatinum(IDtetrachloro- 
platinate(II) 


[(NH,),Co. NH,. Co(NH;),] (NO), Decammine-/-amidodicobalt(IIT) nitrate 


*Because two optical isomers exist for this complex, the name should have a prefix d or l. 


„ле. ie ce 
tetrakis(ethylenediamine)-y-amido-y- 
(en) Жс, d. Со(еп), | (SO), hydroxo-dicobalt(III) sulphate 


CO, 
ў N i 
(СО),. mu O—Fe(CO), Tri-u-carbonyl bis(tricarbonyliron(IIT)) 
со 
AICI, .(EtOH), Aluminium(III)chloride-4-ethanol 


Isomerism 


Compounds that have the same chemical formula but different structural 
arrangements are called isomers. Because of the complicated formulae of many 
coordination compounds, the variety of bond types and the number of shapes 
possible, many different types of isomerism occur. Werner's classification into 
polymerization, ionization, hydrate, linkage, coordination, coordination 
position, geometric and optical isomerism is still generally accepted. 


(1) Polymerization isomerism. This is not really true isomerism since it 
occurs between compounds having the same empirical formula, but different 
molecular weights. Thus [Pt(NH,),Cl,], [Pt(NH,),][PtCl,], [Pt(NH,),]- 
[Pt(NH,)CI,], and [Pt(NH;),Cl],[PtCl,] all have the same empirical formula. 
Polymerization isomerism may be due to a different number of nuclei in the 
complex, e.g.: 


OH ч OH, А 
N 
(NH)3.Co—OH—~= Со(мнз); and |с Co(NH34 
RM : 
OH `OH 


3 


(2) Ionization isomerism. This type if isomerism is due to the exchange of 
groups between the complex ion and the ions outside it. [Co(NH,),Br]SO, is 
red-violet, and in solution gives a precipitate with BaCl, confirming the 
presence of SO,?-. On the other hand, [Co(NH;),SO,IBr is red, and does not 
give a sulphate test in solution, but instead gives a precipitate of AgBr with 
AgNO,. Note that the sulphate ion occupies only one coordination position 
even though it has two negative charges. Other examples of ionization iso- 
merism are [Pt(NH,),Cl,]Br, and [Pt(NH,),Br,]Cl,, [Co(en),NO,.CISCN, 
[Co(en),NO,.SCNICI and [Co(en),Cl. SCN]NO,,. 


(3) Hydrate isomerism. Three isomers of CrCl,.6H,O are known. From 
conductivity measurements and quantitative precipitation of the ionized 
chlorine, they have been given the following formulae: 

[Cr(H,O)JCI, violet (three ionic chlorines) 


[Cr(H,O)CI]CL.H,O green (two'ionic chlorines) 
[Cr(H,O),CL]. CI.2H,O dark green (one ionic chlorine) 
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(4) Linkage isomerism. Certain ligands contain more than one atom which 
could donate an electron pair. In the case of the NO,- ion, either a nitrogen or 
an oxygen atom may act as donor, hence the possibility of isomerism. Two 
different complexes [Co(NH3);NO;]CL have been prepared, each 
containing ће NO, group in the complex ion. One is red and is easily: 
decomposed by acids to give nitrous acid, while the other is yellow and is stable 
to acids. This behaviour is analogous to the behaviour of organic nitrites R- 
ONO and nitro compounds R-NO,. The two materials are represented below. 


2+ A 2+ 
М 

HN | „око HN | UNO: 

Co and м oe 
PAIN 

H,N | NH, HN | NH, 
NH, NH, 
red yellow 


nitritopentamminecobalt (III) nitropentamminecobalt(III) 
ion У іоп 


This type of isomerism might be expected with other ligands, such as CO, CN~ 
and SCN-, but no examples are known at present. 


(5) Coordination isomerism. When both positive and negative ions are 
complex, isomerism may be caused by the interchange of ligands between the 
two complex ions, for example: [Co(NH,),][Cr(CN),] and [Cr(NH,),]- 
[Co(CN),]. Intermediate types between these extremes are also possible. 


(6) Coordination position isomerism. In polynuclear complexes an inter- 
change of ligands between the different metal nuclei gives rise to positional 


isomerism, for example: 


pb 
NH), 82 Co(NH,),Cl, | Cl, 
апа 
МН, 
оние Cl, 


(7) Geometric or stereoisomerism. In disubstituted complexes, the 
substituted groups may be adjacent or opposite to each other. This gives rise to 
geometric isomerism. Thus square planar complexes such as [Pt(NH,),Cl,] 
can be prepared in two forms. If NH,OH is added to the [PtC1,] ion, the 
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cis trans 
Fig. 8.23 


complex formed has a finite dipole moment. However, the complex prepared 
by the action of НСІ on [Pt(NH;),]?+ has no dipole. The two complexes are 
formulated in Fig. 8.23. This sort of isomerism can also occur in square-planar 
chelate complexes if the chelating group is not symmetrical, for example the 
complexes between glycine and platinum (Fig. 8.24). 


CH,—NH, NH,—CH, CH,—NH, 0——co 
x N 
/ к N e di Ақ 
со—0 0——CO co——o NH,—CH, 


Fig. 8.24 


Similarly disubstituted octahedral complexes such as [Co(NH,),Cl,]* exists 
in сїз and trans forms (Fig. 8.25). (This method of drawing an octahedral 
complex might suggest that the positions in the square are different from the up 
and down positions. This is not the case since all six positions are equivalent.) 


Ct Ci 
NH3, Ct NH; NH3 
NH3 Hz NH3 NH3 
NH; а 
cis trans 
(violet) (green) 
Fig. 8.25 


(8) Optical isomerism. At one time it was thought that this sort of 
isomerism was associated only with carbon compounds, but it exists in 
inorganic molecules as well. 

If a molecule is asymmetric, it cannot be superimposed on its mirror image. 
The two forms have the type of symmetry shown by the left and right hands 
and are called an enantiomorphic pair. The two forms are optical isomers and 


ee 
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Ct mirror Ct Ct 
1 
Ct | Ct 
en | еп 
П еп еп 
| 
en | еп 
` S cL 
enantiomorphic pair trans dichloro bis(ethylenediamine) 
d and I cis dichloro bis cobalt(III) ion 
(ethylenediamine)cobalt(III) ion 
Fig. 8.26 


are called either dextro or laevo (d or I) depending on the direction they rotate 
the plane of polarized light. 

Optical isomerism is common in octahedral complexes involving bidentate 
groups. For example, [Co(en),CL]* shows cis and trans forms (geometric 
isomerism), and the cis form is optically active and exists in d and / forms 
(optical isomerism) making a total of three isomers (Fig. 8.26). Optical activity 
Occurs also in polynuclear complexes, such as: 


NO, 4 
(en), соеп), 
NA 
NH; 
This has been resolved into two optically active forms (d and /) and an 


optically inactive form which is internally compensated and is called the meso 
form (Fig. 8.27). 


en) NO% en 
en МО» 


еп NH2 en 


en 


eso form 
d and 1 forms m 


Fig. 8.27 


Problems 


1. List the factors which affect the stability of coordination complexes. 


2. Describe the methods by which the presence of complex ions may be detected in 
solution. 
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3. What methods could be used to distinguish between cis and trans isomers of a 
complex? 


4. Name the individual isomers of each of the following: 
(a) [Pt(NH),CL] 
(b) CrCl,6H,O 
(c) [Co(NH,),NO,](NO;), 
(d) Co(NH,),(SO,)(Cl) 
(e) NH, 
Ees 
NO, 
(f) Co(en),NH,BrSO, 
(в) [Pt(NH,)(H,O)(C;H;N)(NO,)]C1. 


5. Account for the following: 
(a) Ni(CO), is tetrahedral; 
(b) [Ni(CN),]?- is square planar; 
(с) [Ni(NH;)4I?* is octahedral. 


Co(en), | Br, 
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CHAPTER 9 


THE ATOMIC NUCLEUS 


Structure of the Nucleus 


Atomic nuclei are made up of neutrons and protons bound together. The 
nuclear radius is very small, approximately 10-'* cm. Nuclear distances are 
measured in fermi units 1f = 107 cm. Most of the mass of an atom is 
concentrated in the nucleus; therefore its density is very high, approximately 
10% g cm’. 

The nucleus is sometimes considered to resemble a ‘liquid drop’. The 
repulsive forces between the like charges on the protons tend to split the drop, 
and a surface tension effect opposes this. The density of different nuclei is 
almost constant, and they are regarded as different sizes of drop. The range of 
nuclear attractive forces is very small, 2£—3f, and so the nucleons (neutrons and 
protons) can move inside the nucleus rather like the particles in a liquid. 
Nuclear fission can easily be explained by use of the liquid drop model. As the 
mass of the nucleus increases, the repulsion between protons increases more 
rapidly than the attractive forces. To minimize the repulsive force, the shape of 
the nucleus is deformed. Uranium of mass number 235, ?5U, is so deformed 
that the addition of a little extra energy, e.g. absorption of a neutron, will cause 
the nucleus to break into two; that is, fission will occur. Nuclei of mass 
numbers larger than that of uranium are so deformed that they undergo 
spontaneous fission. 

Alternatively the nucleus may be regarded as a ‘shell structure’ with the 
nucleons arranged in shells rather like the orbital electrons. This is supported 
by a periodicity in nuclear properties. Thus elements of even atomic number 
are more stable and more abundant than elements of odd atomic number. 
Elements of even atomic number are richer in isotopes and never have less than 
three stable isotopes (average 5.7) Elements with odd atomic numbers 
frequently have only one stable isotope and never more than two. There is a 
tendency for the number of neutrons and the number of protons in the nucleus 
to be even (Table 9.1). This suggests that a pairing of nucleons may occur in 
the nucleus similar to the pairing of electrons which occurs in atomic and 
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molecular orbitals. If two protons spin in opposite directions, the magnetic 
fields they produce will mutually cancel each other. The small amount of 
binding energy generated is sufficient to stabilize the nucleus, but is not the 
most important source of energy in the nucleus. 


TABLE 9.1 
Number of protons Number of neutrons Number of stable isotopes 
even even 164 
even odd 55 
odd even 50 
odd odd 4 


Certain nuclei are extra stable, and this is interpreted as being due to a filled 
shell. Nuclei with 2, 8, 20, 28, 50, 82 or 126 neutrons or protons are 
particularly stable and have a large number of isotopes. These numbers are 
termed ‘magic numbers’. The emission of y-rays by the nucleus is readily 
explained from the shell model, because if nucleons in an excited state fall to a 
lower nuclear energy level, they will emit energy as prays. 

Thus some nuclear properties imply that the nucleons are free to move 
within the nucleus, and others suggest that nucleons exist in energy levels. 


Forces in the Nucleus 


The repulsive forces between protons in the nucleus are electrostatic. In a 
stable nucleus, the attractive forces must be greater than the repulsive forces, 
otherwise spontaneous fission would occur. The attractive forces in the nucleus 
are not electrostatic because there are no oppositely charged particles, and 
because the forces only act over a very short distance of 2f—3f. If the nuclear 
particles are separated by a distance much greater than this, attraction ceases 
although electrostatic forces only diminish slowly with distance. Further, the 
same attractive force binds neutrons to neutrons, neutrons to protons and 
protons to protons; therefore the force does not depend on the charge. 

Two atoms may be held together by a sharing of electrons, because the 
exchange forces result in a covalent bond. By analogy, two nuclear particles 
may be held together by sharing a particle. The particle exchanged is called a z 
meson and may have a positive charge z+, а negative charge л— or no charge 
mo. Exchange of л— and 2+ mesons accounts for the binding energy between 
neutrons and protons, and the transfer of a charge converting a neutron to a 
proton or vice versa. The resultant attractive forces are indicated by dotted 
lines in the examples below. 
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ло mesons are exchanged between protons and neutrons. 


i Dr ") n. 
TO) I по | 

p р“ п п“ 

The attractive forces between р-п, п-п and р-р are probably all of much the 

same strength. A zo meson having a mass 264 times that of an electron and 7+ 

and л— mesons having mass 273 times that of an electron have been detected. 

All mesons are: very unstable outside the nucleus. Less common elementary 

particles are discussed in articles in Penguin Science News 31 and 52. The 

number of charged particles in a nucleus remains statistically constant, but the 

particles representing neutrons and protons are constantly changing. The ` 
transformation of neutrons into protons and vice versa are first order reactions, 

and their rates depend on the relative numbers of each type of particle present. 

In a stable nucleus, these two changes are in equilibrium. The ratio between the 

number of neutrons and protons is related to the stability of the nucleus. 


Stability and the Ratio of Neutrons and Protons 


The stability of a nucleus depends in a qualitative way on the number of 
protons and neutrons present. For elements of low atomic number (up to Z = 
20) the most stable nuclei exist when the number of protons P in the nucleus 
equals the number of neutrons N, that is the ratio N/P = 1. For elements of 
higher atomic number the repulsion between protons increases. Entry of a 
neutron is preferred to the addition of a proton since the neutron increases the 
attractive force without increasing the repulsive force. Thus the ratio N/P 
increases progressively up to about 1-6. Above this value the nuclei have 
become so large they undergo spontaneous fission. These trends are shown in 
the following graphs of neutron number N against proton number P, and N/P 
ratio against proton number for the stable nuclei (Fig. 9.1). 


Fig. 9.1 


Modes of Decay 


Stable nuclei lie near to these curves, and nuclei with N/P ratios higher or 
lower than the stable ratio will tend to be radioactive. If the N/P ratio is high, 
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ie. the isotope lies above the curve, the nucleus will decay so that a stable 
arrangement is reached. The ratio can be reduced by several means which are 
discussed below. ! 


(a) Beta emission. Electrons or f radiation may be emitted from the nucleus 
when a neutron is converted to a proton, an electron and a neutrino. The 
neutrino has zero mass and charge, and is postulated to balance the spins. This 
may be written: 


inip* ev 


_ The mass numbers at the top and the nuclear charges at the bottom are both 
balanced in this equation. In this way the N/P ratio is decreased, and if an 
isotope is not far from the stable N/P line one f decay may be sufficient; 


"C № + ey 
Isotopes further from the stable line may undergo a series of f decays, whereby 
the resultant nuclei become progressively more stable and have a longer half- 
life period, until eventually a stable isotope is formed. 
B 141 B 


La — 
Ту = 18 тіп. 57 Ty, = 3-7 hrs. 


B 


141 141, 141 

Ba Ace eam ЖА РГ 

In f decay the mass number remains unchanged, but the nuclear charge 
increases by one unit and the element moves one place to the right in the 


periodic table. 


(b) Neutron emission. An obvious way to decrease the N/P ratio is for the 
nucleus to emit a neutron. Since the binding energy in the nucleus is high 
(about 8 MeV), this form of decay is rare and only takes place with highly 
energetic nuclei. One of the few examples is given below. 


Kr — fred 
B grb 2. ssr 


If the N/P ratio is too low, i.e. the isotope lies below the curve, there are 
three possible modes of decay. 


(c) Positron emission. Positrons or B+ radiation (positive electrons) result 
from the transformation of proton to neutron, positron and anti-neutrino. 


iP>in+ +7 
The anti-neutrino is postulated to balance the spins. The positron is ejected 


from the nucleus and eventually neutralizes an electron. The energy from the 
positron is released as two prays each with an energy of 0-51 MeV. This 


a 
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energy came originally from the parent nucleus, and so it follows that the mass 
of the parent nucleus is greater than the mass of the daughter nucleus. 
ioNe > BF + % +5 


NC В +% +) 


(d) Orbital or K-electron capture. The nucleus may capture an orbital 
electron from the inner or K shell and thus convert a proton into a neutron 
and a neutrino: 

ip+_e>in+yp 


Usually an electron from a higher energy level drops back to fill the vacancy in 
the K shell and characteristic X-radiation is emitted. Electron capture is not 
common, but occurs in nuclei where the N/P ratio is low and the nucleus has 
insufficient energy for positron emission, that is 2 x 0-51 = 1-02 MeV. 


1Ве + 9e JLi+p 
PK + fe + 0Аг+ р 
Where the difference in mass of parent and daughter nuclei is equivalent to 


more than the required 1-02 MeV for positron emission, both positron 
emission and K capture occur. 


48° 
23V- 


Bt + (58%) > $Ti 


K capture (42%) 


(е) Proton emission. Except for nuclei in a very high energy state, proton 
emission is unlikely, since the energy to remove a proton is about 8 MeV. 


y-Radiation 


Following any nuclear change, the neutrons and protons rearrange 
themselves to take up their most stable positions. Electromagnetic radiation of 
very short wavelength, called prays, is emitted, corresponding to the change 
from one nuclear energy level to another. 


Half-Life Period 


Radioactive decay is a first-order reaction, and depends only on the relative 
number of radioactive atoms present. Thus the size of the sample does not 
affect the time taken to undergo radioactive decay. The time taken for half ofa 
sample to decay is called the half-life period, and this is a characteristic of a 
particular isotope. 
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Nuclear energies are of the order of 10° kJ mol“! of nucleons whilst the 
energies involved in chemical reactions are about 10-10? kJ mol-!. Clearly 
transmutation of one element to another by chemical means is impossible, 
because of the exceedingly high nuclear energy. For the same reason a change 
in temperature has no observable effect on the rate of decay. 


Binding Energy and Nuclear Stability 


A stable nucleus must have less energy than its constituent particles or it 
would not form. Energy and mass are related by the Einstein equation E = mc? { 
where E is the energy, m the mass and c the velocity of light. Thus the mass of 
a stable nucleus must be less than that of the constituent nucleons; the 
difference is called the mass defect. 

The mass defect can be calculated, and converted to the binding energy in 
the nucleus. Clearly the larger the mass defect, the larger the binding energy, 
and therefore the more stable the nucleus. 


Mass of $He nucleus = 4-0028 a.m.u. Mass of $Li nucleus = 6.0170 

Mass of2n+2p =4-0331 Mass of 3n+ 3p =6-0497 

Mass defect = 0.0303 Mass defect =0-0327 

Binding energy = 0-0303 x 931 = Binding energy = 0-0327 x 931 = 
28-2 MeV 30-4 MeV 


(931 is the conversion factor from a.m.u. to MeV). 


It is quite easy to calculate whether or not a nucleus is stable against decay. 
Some possible decay processes are given below. 


$He „п + 3He fLi ^ in + $Li 
3He > in + in + 2He SLi + ip + $He 
$He + lp + iH SLi ^ $He + Н 


Since the mass of the parent is less than the combined mass of the suggested 
products, none of the above decay processes occur. 

The binding energy of the nucleus varies with the number of nucleons 
present in it, and to compare the nuclear stability of different elements the 
average binding energy per nucleon is calculated. 
total binding energy 


Binding energy per nucleon = 
number of nucleons 


The graph of binding energy per nucleon against atomic number, for the 
different elements shows that nucleons are held together with increasing force 
up to a mass number of about 65. The binding energy for each additional 
nucleon decreases as the nuclei get larger (Fig. 9.2). The average binding 
energy per nucleon is about 8 MeV for most nuclei; consequently this amount 
of energy is needed to remove either a proton or a neutron from the nucleus. 
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Fig. 9.2 


a-Decay 


As nuclei get larger, the repulsive force between protons increases and the 
energy of the nucleus increases. A point is reached where the attractive forces 
are unable to hold the nucleons together and part of the nucleus breaks off. The 
a-particle, a helium nucleus He is a particularly stable nuclear fragment, and 
breaks away fairly readily. 

238U —230Тһ + $He + energy 

The mass of the parent nucleus must provide the mass of the daughter nucleus, 
and the a-particle plus some mass which is converted into energy. It can be 
calculated from the mass of the nucleus whether a-decay in any element is 
energetically possible. Natural a-activity is only possible among elements of 
mass number greater than 209, since only these elements have the required 
energy. Conversely 209 is the largest number of nucleons which will fit into a 
stable nucleus. 

If ejection of one a-particle does not completely stabilize the nucleus, further 
a-particles may be emitted, but since a-decay raises the N/P ratio it may lead 
to f-emission. 

Nuclei of mass number above 230 may undergo spontaneous fission into 
two elements of lower atomic number. Since elements of low atomic number 
have a smaller N/P ratio, some neutrons are ejected during fission. These 
neutrons may be absorbed by another nucleus which then becomes unstable 
and itself undergoes fission liberating more neutrons, and a chain reaction has 
thus been started. 


Radioactive Displacement Laws 

(1) Emission of an a-particle gives an element which is four mass units lighter 
and the atomic number decreases by two. The daughter element is therefore 
two places to the left of the parent in the periodic table. 
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(2) When a f-particle is emitted the mass number remains the same, but the 
atomic number increases by one and the new element is one place to the right 
of the parent in the periodic system. These changes are shown in the following 
series: 

@ В B 


Ф г a 
21 21m; 207 20° 
йа — ?BRn —— "Po —> ?ИРЬ —> “Bi — wr “+ "Pb 


Radioactive Decay Series 


The heavy radioactive elements may be grouped into four decay series. The 
common radioactive elements thorium, uranium and actinium occur naturally 
and belong to three different series named after them. They are the parent 
members of their respective series and have the longest half-life periods. They 
decay by a series of a and J emissions, and produce radioactive elements 
which are successively more stable until finally a stable isotope is reached. All 
three series terminate with element number 82, lead. Following the discovery of 
the artificial post-uranium elements, the neptunium series has been added, 
which ends with bismuth, element number 83. 

Thorium (4n) series 

Neptunium (4n + 1) series 

Uranium (4n + 2) series 

Actinium (4n + 3) series 
The numbers indicate that the parent and all the members of a particular series 
have mass numbers exactly divisible by four, or divisible by four with a 
remainder of one, two or three. There is no natural cross-linking between the 
four series, although this can be performed artificially. 


Thorium (4n) Series 


288Th —— ?88Ra -L— ?38Ac > 238Th “> 288Ra -©—›>°@Еп 
"At. "Po a 
( & sa aA 
2 Р, 2; H 2i Pb 
id A a. 88) 


мр? ті 
Neptunium (4n + 1) Series 
эйРи => Ап 
x 


й 
З Мр —> 2фРа —> 210-5 звт © > эшка L> u 
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237) 


^ 
$30 
PO a 
" a Р BAS B Я 
Ег —> 7At —> MN 299Pb —> 208Ві 
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Uranium (4n + 2) Series 
*HU > *34Th > йа, 


234U —> 998Th —> Еа —> 2881 


з мр? друг 


"At, зиро 
ME sx X ал x в в 2 
~ Ро =з РЬ ——>9Вї —> ?32Po —> 208РЬ 
"am ^ amo 


Actinium (4n + 3) Series 


232U © > 288 Np © > 2ф@Ри —> 3880 —> 2947h © > 21ра “+ 


( °36Th. 2Ро , 
ДАС Эзра af 2981 uf 215P LR NS d А T 
о —> *ljPb— ЫЛА 51РЬ 
"im^ "* am? 


Natural radioactivity also occurs in nine of the lighter elements, and it is 
possible that as the sensitivity of detecting instruments increases, other 
radioactive elements will be found. Of these, the two most important are «С 
and 49K. The 49K isotope was probably formed when the earth was created; its 
present existence is due to its long half-life of 1-25 x 10° years, though it only 
constitutes 0-01% of natural potassium, its presence makes living tissue 
appreciably radioactive. It may decay either by 2-етіѕѕіоп ог К capture. 


к —— Са + fe 
Аг 
К capture 


МС has a half-life of 5720 years and any originally present in the earth will 
have decayed by now. It is produced continuously from the action of the 
neutrons in cosmic rays on atmospheric nitrogen, by a nuclear reaction such 
as: 


VN cin HC + Ip 


Induced Nuclear Reactions 


Many nuclear reactions can be brought about by bombarding the nucleus 
with у-гауз, electrons, neutrons, protons, a-particles or the nuclei of other atoms 
such as carbon. The nuclei of C atoms which have had the orbital electrons 
removed are called ‘stripped carbon’. The particle may be captured by the 
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nucleus, the nucleus may undergo fission, or fusion of two small nuclei may 
occur, depending on the conditions of the bombardment. 

Natural radiation may be used to induce nuclear reactions, but this limits the 
energy of the bombarding particle. More usually the charged particles are 
accelerated by alternate attraction and repulsion using a linear accelerator, a 
cyclotron or a betatron. In this way particles of a very high kinetic energy can 
be used to promote the nuclear reaction. This high energy is necessary to 
overcome the repulsion between a positively charged nucleus and a positively 
charged bombarding particle. Neutrons have no charge and cannot be 
accelerated in this manner, but they are not repelled by the nucleus. Some 
nuclear transformations are given below. 


NN +$He>%O +H 
nNa + 1Н > Мв + in 
Са + in > Са + energy 


In the first example the nitrogen is bombarded with a-particles and a proton is 
formed, and so this is described as an a,p-reaction. In a similar way the second 
example is a p,n-reaction. Since the energy emitted in the third example takes 
the form of y-rays, this is an n, y-reaction. The nuclei formed in this way may be 
stable, or may subsequently decay. The transuranic elements are all obtained 
by bombarding a heavy nucleus with a-particles or stripped carbon, to produce 
an even heavier nucleus. 

Very heavy nuclei have a lower binding energy per nucleon than nuclei with 
an intermediate mass. The heavy nuclei are thus less stable. If a heavy nucleus 
is bombarded with high-energy neutrons, the extra energy may be sufficient to 
split the already distorted nucleus into two fragments. This is called fission. In 
the case of ?5U, many different products are formed depending on exactly how 
the nucleus splits up. Three of the more common reactions are: 


"Хе + 965г + 2(11) 
290 + in "Ва + 9Kr + 3(In) 
BI + BY +40) 


The total mass of the fission products is some 0-22 mass units less than the 
mass of the uranium atom and neutron. This corresponds to an energy release 
of over 200 MeV, which is more than twelve times the energy liberated in a 
normal nuclear reaction. 

Several neutrons are formed by the initial fission. If these attack other 
uranium atoms, they release even more neutrons, which attack more uranium 
atoms and so on, so that a very large number of fissions will occur very 
rapidly. This is what happens in the atomic bomb, where the branched chain 
reaction results in an explosive release of energy. In a nuclear reactor, a 
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moderator is used, so that on average only one neutron produced by fission 
causes another fission. A chain reaction of this kind continues, but the energy 
is released at a slow enough rate to be used. 

The binding energy per nucleon for light elements is also less than that for 
elements of intermediate mass. The light nuclei are therefore less stable. Fusion 
of two light nuclei results in a more stable nucleus, and the extra energy is 
liberated. If, for example, deuterium is raised to a temperature of several 
million degrees, fusion reactions occur and liberate an enormous amount of 
energy. 

7H + jH>jH +1Н 
ЇН + 7H > He + in 
7H + 7H > He + y 

1H + Н > jHe + jn 


The very high temperature required for fusion can be obtained by a small 
atomic (fission) bomb, which is used to start the fusion reactions in the 
hydrogen and nitrogen-bombs. Attempts to attain this sort of temperature with 
research instruments such as Zeta have so far failed. The energy of the sun is 
almost certainly produced by fusion, and when a controlled fusion reactor can 
be built it will supply almost unlimited power. 


Some Units and Definitions 


a.m.u. = atomic mass unit = үз the mass of the !^C carbon atom. 
Mass Number = number of neutrons + number of protons. 
Mass of hydrogen atom 1H = 1-007825 a.m.u. 

Mass of proton {p or 1Н = 1:007277 a.m.u. 

Mass of neutron дп = 1:008665 a.m.u. 

Mass of electron _fe = 0:00054859 a.m.u. 

Mass of helium atom 2He = 4-00260 a.m.u. 

Mass of helium nucleus («-particle He) = 4:00150 a.m.u. 

MeV = million volts (1 MeV = 9:648 x 10? kJ mol") 

1 a.m.u. = 931.4812 MeV = 8-982 x 10? kJ mol *. 


Problems 


1. What is the nature of the binding forces in atomic nuclei? How does the average 
binding energy per nucleon vary with the atomic number of the element? 

2. In what way is the mode of decay of a particular nucleus related to (a) the ratio of 
neutrons and protons, and (b) the size? 
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3. Illustrate the radioactive displacement law by reference to the four radioactive 
decay series. 


4. Compare the processes of nuclear fission and fusion as sources of energy. 


Further Reading 


1. SEABORG, С. T. Prediction of modes of decay and half-lives, Ann. Rev. Nuc. Sci., 
1968, 18, 53. 


CHAPTER 10 ` 


SPECTRA 


Electronic spectra from transition metal ions and complexes are observed in 
the visible and uv regions. Absorption spectra show the particular Wavelengths 
of light absorbed, that is the particular amount of energy required to promote 
an electron from one energy level to a higher level, whilst emission spectra show 
the energy emitted when the electron falls back from the excited level to a lower 
level. Transitions involving the outer shell of electrons are generally observed in 
the wave number region 100 000 cm~! to 10 000 cm~’, but most spectra are 
measured in the 50000 to 10000 cm region (200-1000 nm). The 
interpretation of spectra provides a most useful tool for the description and 
understanding of the energy levels present. 


Energy Levels in an Atom 


The energy levels in an atom are described in Chapter 1 in terms of four 
quantum numbers: 

(i) n the principal quantum number which may have values 1, 2, 3, durs 
corresponding to the first, second, third or fourth shell of electrons 
around the nucleus. 

(ii) I the subsidiary quantum number, which may have values 0, 1,2... 
(n — 1), and describes the orbital angular momentum or shape of the 


orbital. Thus 


п=1 =0 spherical s orbital 
n=2 zn spherical s orbital 

i= dumb-bell shaped р orbital 
n=3 =0 s orbital 

ТЕТ p orbital 

=2  dorbital 
Gii) m the magnetic quantum number may have values from +1, (1— lys. 

0...—[. 
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© (iv) m, the electron spin quantum number which has a value of either +4 or 
-. 
The build up of electrons in the elements follows three simple rules: 


(i) Electrons normally occupy the orbitals of lowest energy. 

(ii) Hund's rule: when several orbitals have the same energy, electrons are 
not paired if this can be avoided. Thus in the ground state, an atom will 
contain the maximum number of unpaired electron spins. 

(ii) The Pauli exclusion principle: no two electrons in one atom can have all 
four quantum numbers the same. 


This can be illustrated using boxes for orbitals, and arrows for electrons (Fig. 
10.1). The two electrons in the 15 orbital for He have opposite spins, thus t 
denotes m, = +} and 1 denotes m, = —}. The filling of the 1s and 2s energy 
levels is straightforward. 


Principal quantum no. n 1 2. 
шатна 
Subsidiary quantum по. / 0 0 1 
Magnetic quantum по. m 0 0 +1 0-1 
Is 2s 2p 

H it L 

He ү! 

Li 14 li 
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Fig. 10.1 Electronic arrangements of the elements, 


At boron, an electron occupies a 2p orbital. The three 2p orbitals have 
identical value of n~2, and / = 1 but have different values of m (+1, 0 and 
—1), giving the p,, p, and p, orbitals, Allowing for two values for m, for each of 
these, there is a total of six possible arrangements for this single electron. The 
three p orbitals are degenerate, so it does not matter which arrangement is 
adopted. When only one electron is Present in a degenerate energy level or 


subshell such as 2p, 3p or 3d, the energy depends on /, the orbital quantum 
number, 


| 
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In the case of carbon, two electrons occupy the 2p level, and there are fifteen. 
possible electronic arrangements (Fig. 10.2). These can be divided into three". 


main groups of different energy—called three energy states. Thus even though 
the p orbitals are degenerate and have the same energy, the electrons present in 
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them interact with each other and result in the formation of a ground state 
(lowest energy) and one or more excited states for the atom or ion. In addition 
to the electrostatic repulsion between electrons, they influence each other (1) by 
the interaction or coupling of the magnetic fields produced by their spins, and 
(2) by coupling of the fields produced by the orbital motion of the electrons 
(orbital angular momentum). When several electrons occupy а subshell, the 
energy states obtained depend on the result of the orbital angular quantum 
numbers of each of the electrons. This resultant of all the / values is denoted by 
a new quantum number L, which defines the energy state for the atom 

L= 0 Law Дл дас 06 6 LUE 

state S Ps Dest) ӨЗ ӨН UTC EK T ERE 

(The letter J is omitted since this is used for another quantum number 
described later.) 


Coupling of Orbital Angular Momenta 


p? configuration. Angular momentum is quantized into ‘packets’ of mag- 
nitude Л/2л (where h is Planck's constant). For a p electron, the subsidiary 
or azimuthal quantum number / — 1, and the orbital angular moment = 
10/27) and is shown as an arrow of unit length. The ways in which the / values 
for two p electrons may interact with each other is shown diagrammatically 
using vector diagrams (Fig. 10.3). Because angular momentum is quantized 
the only permissible arrangements are those where the resultant is a whole 
number of quanta. Thus three possible states of spectroscopic terms D, P and 
S arise. For the P state, the vectors / must be at an angle to each other such 
that the resultant is a whole number of quanta and in this case L = 1. 


/=1 | (Resultant I безнал Resultant 
1-2 7 151 2.0550 
171 | |. D state s E -. P state /-V[ V7 S state 
Fig. 10.3 


p? configuration. The coupling of the / values of three p electrons by vectorial 
addition can be considered in an analogous way, and for simplicity this is 
considered as the interaction of a third p electron on the states obtained for the 
р? case (Fig. 10.4). The result of coupling the orbital angular momenta is the 
production of one F state, two D states, three P states and one S state. 


1/71 Resultant /=1 Resultant Resultant 
L=3 // L=2 [| | WES) 
ї=2 E2215 L=2 
~. F state ^ — = D state Г.Р state 
1=1 | | Resultant /=1 jResultant Resultant 
=z p у= }1=0 
п 2.0 state L=1|_</ ... P state L=1 5 state 
коју пеам 
1=1 
г. Р state 
Fig. 10.4 


d? configuration. The coupling of / values for d electrons follows a similar 


pattern, except that for a d electron / — 2, so the arrows are of double length 
(Fig. 10.5). 


/=2 Resultant Resultant Resultant 
L4 L=3 
1=2 2.6 state ГЕ state 
Resultant 
1= 2 /=2 sea. 
L=0 
7. P'state ©. S state 


Fig. 10.5 
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Coupling of Spin Angular Мотета 


For a single electron, the spin quantum number m, has a value of +4 or —}. 
If two or more electrons are present in a subshell, the magnetic fields produced 
interact with each other, that is ‘couple’, giving a resultant spin quantum 
number S. (It is unfortunate that the symbol $ is used both for the resultant 
spin quantum number, and for the spectroscopic state when L = 0, but in 
practice this does not normally cause confusion.) 


р? or 4? case. By using arrows to depict the quantized amounts of energy 
associated with the m, value of each electron, it can be seen that the resultant 
spin quantum number S must have a value of 0 or 1 (Fig. 10.6). 


1 (Resultant 1 1 ( Resultant 
md] Ini md mi | е-е 


р? or d? case. Here S has a value of 13 or 4. 


LH Ше» 


Fig. 10.6 


Spin Orbit Coupling 


When several electrons are present in a subshell, the overall effect of the 
individual orbital angular momenta / is given by the resultant angular quantum 
number L, and the overall effect of the individual spins m, is given by the 
resultant spin quantum number S. In an atom, the magnetic effects of L and S 
may interact or ‘couple’, giving a new quantum number J called the total 
angular momentum quantum number, which results from vectorial com- 
bination of L and S. This coupling of the resulting spin and orbital quantum 
numbers is called Russell-Saunders or LS coupling. 


Spin Orbit Coupling р? Case 


It has been shown previously that with a p* arrangement, resultant orbital 
quantum number values of L = 2, 1 and 0, and also resultant spin quantum 
number values of S = 1 and 0, are obtained. These may be coupled to give the 
total angular quantum number J (Fig. 10.7). 

Each of these arrangements corresponds to an electronic arrangement 
sometimes called a spectroscopic state, which is described by a full term 
symbol. The letter D indicates that the L quantum number has a value of two, 
P indicates that L = 1 and S denotes a value of L = 0 as described previously. 
The lower right hand subscript denotes the value of the total quantum number 
J, and the upper left superscript indicates the multiplicity, which has the value 
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$=1 Resultant S=1 Resultant Resultant | Resultant 
|5=1 | 
J=1 | 
L-2| J=3 J=2 L=2 М=2 5=0| J-2 
i 
Full 3, | 1 
spectroscopic D3 зр, Di | D, 
term symbol | 
i 
Š Resultant Resultant Resultant ! Resultant 
ел! $=1 | 
i] 
=1| | 22 bz C tel [set | J=0 биш] a 
Full Дө У А | 1 
spectroscopic “Р, Р, Р, ! Р, 
term symbol | 
Ж, _, | Resultant |, e_n | Resultant 
t=ofs-1} Res Ра sopes 
Full 3 | 1 
spectroscopic `$, | So 
term symbol 
Fig. 10.7 


of 2S + 1 (where S is the resultant spin quantum number). The relation 
between the number of unpaired electrons, the resultant spin quantum number 
S, and the multiplicity is given in Table 10.1. 


TABLE 10.1 


Unpairedelectrons 5 Multiplicity Name of state 


0 0 1 Singlet 
1 i 2 Doublet 
2 1 3 Triplet 
3 1} 4 Quartet 
4 2 5 Quintet 


ee 


Thus the symbol °D, (pronounced triplet D two) indicates a D state, hence 
L=2; the multiplicity is three, hence S = 1 and the number of unpaired 
electrons is 2; and the total quantum number J = 2. 

All of the spectroscopic terms derived above for a р? configuration would 
occur for an excited state of carbon 152, 252, 2p!, 3p!. However, in the ground 
state of the atom 1s?, 2s?, 2p? the number of states is limited by the Pauli 
exclusion principle since no two electrons in the same atom can have all four 
quantum numbers the same. In the ground state configuration, the two р 
electrons both have the same values of n = 2 and [= 1 so they must differ in at 
least one of the remaining quantum numbers т or m,. This restriction reduces 
the number of terms from ?D, ?P, 3S, 1D, !P and !S to !D, ?P and !S. 

This can be shown by writing down only those electronic arrangements of m 
and m, which do not violate the Pauli exclusion principle. For p electrons, the 
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TABLE 10.2 Allowed Values of m and m, for the p? Configuration 


m=+1 0—1 M; M, Term symbol 
1 ti 0 2 1р 
2 {| 0 =2 1р 
3 zie 0 0 
4 { | 0 0 lu 1D, 15 
5 | ый 0 0 
6 mn 0 1 e 
7 ERT 0 1 | нү 
8 ШШШ 0 = LI. 
9 | | 0 -1 
10 DEINEN 1 1 зр 
11 ! t 1 0 эр 
12 I 1 =1 3P 
13 esl lr -1 1 Sp 
14 | | E 0 зр 
15 ENR EI -1 эр 


subsidiary quantum number / = 1, and ће magnetic quantum number т may 
have values from + | > 0 > — giving in this case values of m = +1, 0 and —1. 
There are 15 possible combinations (Table 10.2). The values of M, and M, 
(the total spin and total orbital quantum numbers in the z direction) are 
obtained by adding the appropriate m, and m values 


M, = Em, 

M, - Xm 
M, has values from +L ...0...—L (a total of 2L + 1 values) and 
М; has values from +S...0...—S (a total of 25 + 1 values) 


The L and S quantum numbers associated with each electronic T. 
figuration, (and hence the spectroscopic term symbol) can be worked out iM 
the M, and M, quantum numbers in Table 10.2. First choose the maximum М; 


value, and select the maximum M; associated with it. This gives Ms = j чу 
M, = 1 (number 10 in table), and corresponds to a group of terms where L = 
multiplicity 


and 5 = 1. Since Z = 1, this must be a P state, and since S = 1, the ees 
(2S + 1) = 3, soit is in fact a triplet P state ?P. Using the equations above: 


if L = 1, M, may have the values +1,0 and —1 
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if S = 1, M, may have the values +1, 0 and —1. 
There are 9 combinations of these two terms: 
M,=+1 M,=+1,0,—1 
M,=0 M,= +1,0, —1 
M,=-1 M,=+1,0,—1 


. Examination of Table 10.2 shows that 13 of the allowed values could be 
assigned а ?P term symbol. 

From the unassigned combinations we next pick out the maximum М, and 
M,, In this case M, = 0 and M, = 2. From this it is deduced that L = 2 and S 
= 0. Since L = 2 this must be a D state. The value of S — 0 gives a multiplicity 
of 2S + 1 — 1, so it is a singlet D state !D. 

If L — 2, then M, may have values +2, +1, 0, —1 and —2, and since 5 = 0, 
М; = 0. This gives 5 combinations of M, and М;. Examination of Table 10.2 
Shows that 9 of the allowed values could be assigned a 'D term symbol. 

The ?P and !D states account for 9 + 5 = 14 combinations, and the 
remaining one which corresponds to M, — 0 and М; = 0, must correspond to 
L = 0 and S = 0. This gives a singlet S state 'S. Thus all 15 permissible 
electronic arrangements are accounted for by the 'D, ?P and 'S states. Where 
two or more allowed electronic configurations have the same values for M , and 
M; (for example configurations 3, 4 and 5 in Table 10.2), more than one term 
symbol will describe the arrangement. In these cases a linear combination of 
the functions should be taken, and it is incorrect to attribute any one term to a 
particular arrangement. 


Determining the Ground State Terms—Hund's Rules 


Once the terms are known, they can be arranged in order of energy, and the 
ground state term identified by using Hund's rules 


1. The terms are placed in order depending on their multiplicities and hence 
their S values. The most stable state has the largest S value, and stability 
decreases as S decreases. The ground state therefore possesses the most 
unpaired spins because this gives the minimum electrostatic repulsion. 

2. For a given value of S, the state with the highest L value is the most 
stable. 

3. If there is still ambiguity, for given values of S and L, the smallest J value 
is the most stable if the subshell is less than half-filled, and the biggest J is 
most stable if the subshell is more than half filled. 

(Hund's rules should not be used to predict the order of excited configurations 
such as C 152, 2s?, 2p!, 3p! ) 
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Applying the first rule to the terms arising from p? in the ground state of 
carbon the °P state must be the ground state since there is only one triplet state, 
1D and 'S being singlets. Using the second rule, the !D state corresponds to a 
value of L = 2 and is more stable than the 'S state where L = 0. Finally, the 
triplet P state has three terms 2Р,, ?P, and ?P,, so from the third rule °P, < ?P, 
< ?P,. The experimentally measured energies for the terms arising from the 
ground state of carbon are shown in Fig. 10.8. It can be seen that for a light 
atom like carbon, the splitting of the °P terms because of the J terms from spin- 
orbit coupling is much smaller than the splitting into 'S, 'D and °P terms 
resulting from coupling of / quantum numbers. For the lighter elements below 
atomic number 30, the splitting of levels of different J is small compared with 
the splitting of levels of different L (see Fig. 10.8); hence Russell-Saunders 
coupling gives the correct result for the sequence of energy levels or terms for 
the first row of transition elements. For the heavier elements, the J splitting is 
greater than the L splitting and Russell-Saunders coupling can no longer be 
used and an alternative form of j-j coupling is used instead. 


Energy So 21648 cm (259-0 kJ mol!) 
15, 3 “1 
Carbon › 10195 cm7'(122:0 kJ mol”) 
182,252,2р2 
(ground state) 3р, 43:5 cm" (0-52 kJ mol") 
3p ЭР, 16-4 cm (0-20 kJ mol") 
о 
% 


Fig. 10.8 Splitting of terms in carbon ground state. 


Hole Formulation 


When a subshell is more than half full, it is simpler and more convenient to 
work out the terms by considering the *holes'—that is the vacancies In the 
various orbitals, rather than considering the larger number of electrons actually 
Present. The terms derived in this way for the ground state of oxygen which n 
а p* configuration and hence two ‘holes’ are the same as for carbon with a p 
Configuration, that is 'S, ЇР and °P. However, oxygen has a more than half- 
filled subshell, hence when applying Hund’s third rule, the energy of the triplet 
P states for oxygen are ?P, < °P, < ?Р„ making ?P; the ground state. In a 
similar way by considering ‘holes’, the terms which arise for pairs of Чеш 
with р" and р%—" arrangements, and also d" and d9-^, give rise to identic: 
terms (Table 10.3). 


TABLE 10.3 Terms Arising for p and d configurations 


Electronic Ground state Other terms 
configuration term 
1р5 2p 
po зр 15, 1D 
р? 5 spray 
6 IS 
d’, d° 7D 
d?, d* 3F 7B,1G,JD,/S 
d',d' сЕ <Р, 7H, *G, F, 2D, 2Р. 
d*, d* Юр) ЕНСЕ 7D, E, 1,16, F, !D;'S 
d5 S 4G, ^F, *D, *P, 21, 7H, ?G, ?F, 2D, 2Р,25 
d" IS 


Derivation of the term symbol for a closed subshell. ЇЇ a subshell is 
completely filled with electrons, for example pé or d'? arrangements, the 
derivation of terms is greatly simplified 

т=+1 0 –1 M, M, 
p* ИЛИИ 0 0 


m=+2 +1 0 —1-2 
a Fal E E 0 0 


In both of these cases the total spin quantum number in the z direction M, · 
which equals the sum of all the individual m, values is zero, hence S — 0, and 
the multiplicity 2S + 1 = 1. Also in both р and 4! cases the total orbital 
angular quantum number in the z direction M, = Em = 0, hence L = 0 
corresponding to an S state. Thus a closed shell of electrons always produces a 
singlet S state 'S,. 


Derivation of the terms for a d? configuration. For d electrons, the 
subsidiary quantum number / is 2, and the magnetic quantum number т has 
values from +1 > 0 + —1, giving in this case m = +2, +1, 0, —1 and —2. There 
are 45 ways in which two d electrons may be arranged which do not violate the 
Pauli exclusion principle. These arrangements are shown in Table 10.4. 

The terms are assigned in a similar way as for the P? case. The highest value 
of M, = 4 can only arise if L = 4 corresponding to a G state, and since M, — 
0, S must be 0, and it is a singlet G term 'G. M, can have values from +/,...0 
-++—L, in this case +4, +3, +2, +1, 0, —1, 2, —3 and —4, but М; has only 
one value so there are nine configurations associated with this term. 

The highest unassigned M, value is +3 indicating an F state, and this occurs 
with M, = +1, 0 and —1, suggesting a triplet F state ?F. M, may have values 
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of +3, +2, +1, 0, —1, —2 and —3, since M, has three values there are 21 
configurations associated with the ?F term. 

Thirty of the 45 configurations have been accounted for, and examination of 
the groups of configurations which have the same M, and M, values shows 
that the remaining fifteen terms are the same as for the p? case, that is "D, Р 
and !S. The full list of terms for a d? configuration is therefore 'G, °F, 'D, °P 
and !S. Applying Hund's rules, the ground state is *F, and the energy of the 
various states is Е < ?P < !G < !D < !S. 


TABLE 10.4 Allowed Values of m and m, for d? Configuration 


m-«2410-1-2 Ут; = М; Xm-M, Term symbol 


1 ШЕ sd 0 4 'G 

2 Г И 1 3 F 

3 tit 0 3 
ТИЯ 

5 Цаана -1 3 oF 

6 ЕЕЕ 1 2 F 

7 t і 0 2 

8 i ! 0 2 | 1G, °F, 'D 
9 {| 0 2 

10 | | ial -1 2 F 

11 | jji |! | | 1 1 | 3F, 3P 

12 NI i 1 1 

13 П і -1 1 F? 

14 tll -1 1 | ый 

15 ! і 0 1 

16 і t 0 1 1G, 3F, 'D, "P 
17 t "m 0 1 | 

18 Em 0 1 

19 t ! 1 0 ; 

20 ! { 1 0 |, Р 

21 | | 0 0 

22 m ! 0 0 

23 ] і 0 0 1G, °F, 1, ?Р, 15 
^ “ЕС und 

25 Bane 0 0 
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ТАВГЕ 10.4 (continued) 


m=+2+1 0 -1-2 Im =M, Xm-M, Term symbol 


26 DIS SESE -1 0 | bun 

27 5 | -1 0 2 

28 $ ' 0 ті \ 

29 ТҮ ДП, 0 Ši 

30 1 Th 0 -1 E ET 
31 | 0 -1 

32 tah 1 -1 | зр 

33 ee (a Ll 1 -1 Д 

34 i | =l = Jor, 2р 

35 mr =I =i 

36 t ! 1 -2 3F 

37 t і 0 -2 

38 Ж Г 0 -2 | 'б,?Е,!Р 
39 {| 0 22 

40 Л -1 -2 F 

41 ЕЕГ 1 -3 F 

42 4 -3 

43 BEI 0 = | 1 
44 ith EI =3 P3 

45 m 0 —4 'G 


The spectra of a number of d? ions have been measured, and the energy of 
the ?P state is shown to be higher than the ЗЕ ground state in each case (Table 
10,5). Quantitative data are available for the energy levels in free metal ions in 
the gas phase, and the next step is to find how these energy levels change when 
ligands approach to form a complex. 


TABLE 10.5 Energy of °F and ?P States for d? Free Ions 


Ti^ y+ Cr+ 
By 10 600 cm 13 250 cm~! 15 700 cm! 
3E 0 0 


0 
e el цу с i Шор 15... ees 


415 


Electronic Spectra of Transition Metal Complexes 


Spectra arise because electrons may be promoted from one energy level to 
another. Such electronic transitions are of high energy, and in addition much 
lower energy vibrational and rotational transitions always occur. The 
vibrational and rotational levels are too close in energy to be resolved into 
separate absorption bands, but they result in considerable broadening of the 
electronic absorption bands in d-d spectra. Band widths are commonly found 
to be of the order of 1000—3000 cm-'!. 

The spectrum of a coloured solution may be measured quite easily using a 
spectrophotometer. A beam of monochromatic light obtained using a prism 
and a narrow slit is passed through the solution and on to a photoelectric cell. 
The amount of light absorbed at any particular frequency can be read off, or a 
whole frequency range can be scanned, and the absorbance А plotted as a 
graph on a paper chart recorder. The absorbance was formerly called the 
optical density. If J, is the intensity of the original beam of light, and J the 
intensity after passing through the solution, then 


Io 
—|=A 
«(e 


The molar absorption coefficient ¢ is usually calculated from the absorbance 


cl 


where c is the concentration of the solution in gram-moles per litre, and / is the 
pathlength in centimetres. (Cells are commonly 1 cm long.) 

Not all of the theoretically possible electronic transitions are actually 
observed. The position is formalized into a set of selection rules which 
distinguish between ‘allowed’ and ‘forbidden’ transitions. ‘Allowed’ transitions 
occur commonly. ‘Forbidden’ transitions do occur, but much less frequently, 
and they are consequently of much lower intensity. 


(1) Laporte ‘Orbital’ Selection Rule 


Transitions which involve a change in the subsidiary quantum number Al = 
+1 are ‘Laporte allowed’ and therefore have a high absorbance. Thus for Ca, 
52 > s!p!, l changes by +1 and the molar absorption coefficient eis 5000-10 000 
litres per mol per centimetre. In contrast d-d transitions are ‘Laporte 
forbidden’, since the change in / = 0, but spectra of much lower absorbance are 
observed (e = 5-10 1 mol-! стг!) because of slight relaxation in the Laporte 
rule. When the transition metal ion forms a complex it is surrounded by 
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ligands, and some mixing of d and р orbitals may occur, in which case 
transitions are no longer pure d-d in nature. Mixing of this kind occurs in 
complexes which do not possess a centre of symmetry, for example tetrahedral 
complexes, or unsymmetrically substituted octahedral complexes. Thus 
(MnBr,]*~ which is tetrahedral and [Co(NH,),CI]^* which is octahedral but 
non-centrosymmetric are both coloured. Mixing of p and d orbitals does not 
occur in octahedral complexes which have a centre of symmetry such as 
[Co(NH;),?* or [Cu(H,O)J?*. However in these cases the metal-ligand bonds 
vibrate so that the ligands spend an appreciable amount of time out of their 
centrosymmetric equilibrium position. Thus a very small amount of mixing 
occurs, and low-intensity spectra are observed. Thus Laporte allowed 
transitions are very intense, whilst Laporte forbidden transitions vary from 
weak intensity if the complex is non-centrosymmetric to very weak if it is 
centrosymmetric (Table 10.6). 


TABLE 10.6 Molar Absorption Coefficients for Different Types of Transition 


Laporte (orbital) Spin Type of € Example 
spectra 
Allowed Allowed Charge 10000 (ТІСІ, Ј2- 
transfer 

Partly allowed, Allowed 4-4 500 [CoBr,]?-, [CoCI,]- 

some p-d mixing 
Forbidden Allowed d-d 8-10 [Ti(H,0),]*+, [V(H,O),I* 
Partly allowed, Forbidden d-d 4 (MnBr,]?- 

some p-d mixing 
Forbidden Forbidden d-d 0:02  [Mn(H,O),?* 


(2) Spin Selection Rule 


During transitions between energy levels, an electron does not change its 
spin, that is AS = 0. There are fewer exceptions than for the Laporte selection 
tule. Thus in the case of Mn+ in a weak octahedral field such as [Mn(H,0),]?* 
the d-d transitions are ‘spin forbidden’ because each of the d orbitals is singly 
occupied (see Fig. 6.8a). Many Mn2+ compounds are off white or pale flesh 
coloured, but the intensity is only about one hundredth of that for a ‘spin 
allowed’ transition (Table 10.6). Since the spin forbidden transitions are very 
weak, analysis of the spectra of transition metal complexes can be greatly 
simplified by ignoring all spin forbidden transitions and considering only those 
excited states which have the same multiplicity as the ground state. Thus for a 
d? configuration the only terms which need be considered are the ground state 
ЗЕ and the excited state ?P. 
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d! case. In a free gaseous metal ion the d orbitals are degenerate, hence there 
will be no spectra from d-d transitions. When a complex is formed, the 
electrostatic field from the ligands splits the d orbitals into two groups ¢,, and 
e, (This crystal field splitting is described in Chapter 8.) The simplest example 
of a d! complex is Ti(III) in octahedral complexes such as [TiCl,]?-, or 
[Ti(H,O),]*+. The splitting of the d orbitals is shown in Fig. 10.9a. In the 
ground state the single electron occupies the lower /,, level, and only one 
transition is possible to the e, level. Consequently the absorption spectrum of 


ToS 
Wavelength (A) 


Energy 12000 4000 5000 7000 


-Average energ 
level 


Molar absorbance 
o 


90000 20,000 10,000 
Frequency (cm-!) 


tag 
Metal ion in Metal ion in 
spherical field octahedral field 


(b) Ultraviolet and visible 
absorption spectrum of 
[Ti(H,0),]**. 


(a) Diagram of energy levels in 
octahedral field. 


Fig. 10.9 


[Ti(H,,O),]3+ which is shown in Fig. 10.9b, shows only one band with a peak at 
20 300 cm-!. The magnitude of the splitting A, depends on the nature of the 
ligands, and affects the energy of the transition, and hence the frequency of 
maximum absorption in the spectrum. Thus the peak occurs at 13 000 cm™' in 
[TiCI]3-; 18 900 cm~ їп [TiF,]*, 20 300 cm™ in [Ti(H,0),]** and 22 300 
стт! in [Ti(CN),]-. The amount of splitting caused by various ligands is 
related to their position in the spectrochemical series (see Chapter 8). The 
effect of an octahedral ligand field on a d! ion is shown in Fig. 10.10. E 
symbol ?D at the left is the ground state term for a free ion with a d 

configuration (see Table 10.3). Under the influence of a ligand field this ends 
into two states which are described by the Mulliken symbols 2B, and ?Т,,. 
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Ligand field strength 


Fig. 10.10 Splitting of energy levels for 2! configuration in octahedral field. 


(These symbols originate in group theory, and are used here without 
attempting to derive them. Useful references are refs. 6—9 given at the end of 
the chapter.) The lower Т,, state corresponds to the single d electron occupying 
one of the f,, orbitals, and the ?E, state corresponds to the electron occupying 
one of the e, orbitals. The two states are Separated more widely as the strength 
of the ligand field increases. 

Octahedral complexes of ions with a d? configuration such as [Cu(H,O),]?+ 
can be described in a similar way to the Ti^* octahedral complexes with a d! 
arrangement. In the d' case there is a single electron in the lower t,, level whilst 
in the d? case there is a single hole in the upper e, level. Thus the transition in 
the d! case is promoting an electron from the 5, level to the e, level, whilst in 
the d? case it is simpler to consider the promotion of an electron as the transfer 
of a ‘hole’ from €, to б. The energy diagram for d? is therefore the other way 
round, that is the inverse of that for a d! configuration (Fig. 10.11). 

If the effect of a tetrahedral ligand field is now considered, the degenerate d 

` orbitals split into two €, orbitals of lower energy and three t, orbitals of higher 
energy (see Chapter 8, Crystal Field Theory). The energy level diagram for 4! 


Energy 


Ligand field strength 
Fig. 10.11 Splitting of energy levels for d? configuration in octahedral field. 
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| 


EC I tag 


(а) d$ high spin octahedral (b) d* high spin octahedral 
arrangement. arrangement. 


Fig. 10.12 


complexes in a tetrahedral field is the inverse of that in an octahedral field, and 
is similar to the d? octahedral case (Fig. 10.11), except that the amount of 
splitting in a tetrahedral field is only about $ of that in an octahedral field. 

In a similar way the d high spin octahedral arrangement (Fig. 10.122) is 
related to the d! octahedral case. Since transitions which involve reversal of the 
electron spin are ‘forbidden’, and hence give extremely weak bands, the only 
‘permitted’ transition is the paired electron in the /„ level, which has the 
opposite spin to all the other electrons, to the e, level. The energy level diagram 
for 45 high spin octahedral complexes is the same as the d' case (Fig. 10.10). 

By similar reasoning, octahedral complexes containing d* ions in a high spin 
arrangement (Fig. 10.12b) may be considered as having one ‘hole’ in the upper 
e, level and thus is analogous to the d? octahedral case (Fig. 10.11). 

In addition, d$ tetrahedral complexes have only one electron which can be 
promoted without changing the spin, and have a diagram like that for d! 
tetrahedral, which is qualitatively similar to that for d° octahedral case. 
Finally, d^ and d? tetrahedral complexes with one ‘hole’ are qualitatively like 
the d! octahedral example with one electron. 

Figures 10.10 and 10.11 can be combined into a single diagram (Fig. 10.13) 
called an Orgel diagram, which describes in a qualitative way the effect of 

d'octahedral 
Eg d^octahedral 


Energy 


d! tetrahedral 
d? tetrahedral Tog 


Tag  d^tetrahedral 


d^octahedral ^ Eg dPtetrahedral 
PL i 
d? octahedral Increasing O "increasing 
ligand ligand 
field field 


Fig. 10.13 Orgel combined energy level diagram for 41. (Note that g subscripts are 
dropped in tetrahedral cases.) 
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electron configurations with one electron, one electron more than а half-filled 
level, one electron less than a full shell, and one electron less than a half-filled 
shell. 


d? case. The energy level diagram for complexes where the central metal ion 
has two d electrons is more complicated. The possible energy states have 
already been derived, and are listed in Table 10.3 as 


ground state ?F 
excited states *P,'G,'D,'S 


The 'G, 'D and !S states contain electrons with opposite spins, whereas in the 
ground state the two electrons have parallel spins. Thus transitions from the 
ground state to 'G, 'D or !S are spin forbidden, will be very weak, and can be 
ignored. The only important transitions are from °F to РР. 

In an octahedral ligand field the P state transforms into a T,, Mulliken term, 
and the F state splits into three terms А, T,, and Т,, (Table 10.5). 


TABLE 10.5 Transformation of Spectroscopic Terms to Mulliken Symbols 
Oed a аас ааа a a S MN M MM 


Spectroscopic term Mulliken symbols 
Octahedral field Tetrahedral field 
S A, А, 
Р T, T, 
D E, T, E, T, 
F Aw Tip T, A» T, Т, 


A simplified energy diagram showing only the triplet states, that is only 
those states which can have spin permitted transitions, is shown in Fig. 10.14a. 
It can be seen that three transitions are possible from the ground state, hence 
three peaks should occur in the spectrum, compared with one peak in the 4! 
case. The spectrum of the d? complex ion [У(Н,О), 2+ is shown in Fig. 10.14b. 
Only two peaks occur in this spectrum becase the ligand field strength of water 
results in transitions occurring close to the 3A,,/°T,,,(P) cross-over point, hence 
these two transitions are not resolved into separate peaks. 

Complexes with а d? configuration in an octahedral field may be regarded as 
having two ‘holes’ in the e, level, hence promotion of an electron from the lower 
t,, level to the e, level is equivalent to transferring a ‘hole’ from e, to tẹ. This is 
the inverse of the d? case. The energy level diagram is shown in Fig. 10.15a 
and three spin allowed transitions are observed in the spectra of [Ni(H,0),]?*, 
[Ni(NH,),]*+ and [Ni(ethylenediamine),]?+ (Fig. 10.15b). 

Using the same arguments as applied to the 4! case, the d? octahedral 
energy diagram is similar to the high spin 47 octahedral, d? апа d® tetrahedral 
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A26 
ТР? оло 
3 o 
Bo Tag E 
© 5 
c 3 a 
ш F $5 
5 
о 
> 
Эт, (ЕР) 
40000 30000 20000 10000 
Ligand field strength Frequency (cm=") 
(a) Energy diagram for d? (b) Ultraviolet-visible 
configuration in octahedral field absorption spectrum for the 4? 
(simplified by including only the complex [V(H,0),]?*. 


triplet states) showing three 
possible transitions. 


Fig. 10.14 
3p 37, P) 
> 374 (Р) 
S| ЗЕ зт» 
ш 
3A25 


ERN SS 
Ligand field strength 
(a) Energy diagram for d* configuration in an octahedral field (simplified by including 
only the triplet states) showing three spin allowed transitions. 


Molar absorbance 


30,000 20,000 10.000 
Frequency (ст!) 


(b) Ultraviolet-visible absorption spectrum for the d* complex [Ni(H;O),]^*. Note the 
middle peak shows signs of splitting into two peaks because of Jahn-Teller, distortion 
(See Chapter 8). 

Fig. 10.15 
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cases. The inverse diagram applies for d? and d* octahedral as well as d? and 
d" tetrahedral complexes. As before, the g suffix is omitted in tetrahedral 
complexes. The combined Orgel energy diagram for two-electron and two-hole 
configurations is shown in Fig. 10.16. 


Energy 


ЗА d* octahedral 


d?tetrahedral 37, ЇР 29 
ST, (Р) d? octahedra 


3p 


d" tetrahedral 27, (F 


ST,  d?tetrahedral 


2g 


@octahedral Tag 


3 8 
d9octahedral %A2, Tig(F) dS tetrahedral 


ВА о = 
Increasing ligand field Increasing ligand field 
Fig. 10.16 Orgel combined energy level diagram for two-electron and two-hole 
arrangements. (Note that the g suffix is omitted in tetrahedral cases. The same diagram 
applies for the d? and d* arrangements except that the spectroscopic terms are *F and 
4P, and all the Mulliken terms have a multiplicity of four.) 


Note that there are two T,, states, one from the P state and the other from 
the F state. The T,, states are slightly curved lines, because they have the same 
symmetry, and they interact with each other. This lowers the energy of the 
lower state, and increases the energy of the higher state. The effect is much 
more marked on the left of the diagram because the two levels are close in 
energy. If the lines had been straight, they would cross each other, implying 
that two electrons in one atom may have the same symmetry and the same 
energy. This would be impossible, and is formally prohibited by the non- 
crossing rule which states that states of the same symmetry cannot cross each 
other. The interaction of these two states is called configuration interaction, 
and the extent of interaction depends on the Racah parameter B which can be 
calculated. 


4° case. The 45 configuration occurs іп Mn(II) and Fe(III). In high-spin 
octahedral complexes formed with weak ligands for example [Mn"F,]*-, 
([Mn"(H,0),]?+ and [ЕешеЕ, ]2- there are five unpaired electrons with parallel 
spins. Any electron transition within the d level must involve a reversal of 
spins, and in common with all other spin forbidden transitions any absorption 
bands will be extremely weak. This accounts for the very pale pink colour of 
most Mn(II) compounds. The ground state term is 5S, and of the eleven excited 
States given in Table 10.3, four involve only one reversal of spin. In an 
octahedral field these four split into ten States, hence up to ten extremely weak 
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absorption bands тау be observed. The molar absorption coefficient є of these 
is about 0.02 1 тої! стг!, compared with values of 5—10 1 mol-! cm-! for 
spin allowed transitions (Table 10.6). 


It is most noticeable that tetrahedral complexes of 2° ions are much more 


strongly coloured than the almost colourless octahedral complexes. These still 
contain five unpaired electrons, but as mentioned under the Laporte selection 
rule, tetrahedral complexes such as [Mn''Br,]?- lack a centre of symmetry, so 
mixing of p and d orbitals can occur. This is true for all tetrahedral complexes, 
for example [Co™Cl,]?~ is deep blue and is much more strongly coloured than 
the octahedral [Co"(H,O),]?* ion. 


Further Reading 


1. 


2 
3. McCLuns, D. S. and Ѕтернемѕ, P. J., Electronic Spectra of Coordination 


Sutton, D., Electronic Spectra of Transition Metal Complexes, McGraw-Hill, 
1968. 
LEVER, А. B. P., Inorganic Electronic Spectroscopy, Elsevier, 1968. 


Compounds in Coordination Chemistry (Edited Martell, A. E.). Van Nostrand 
Reinhold, 1971. 


An alternative approach to Spectra is through Group Theory: 


Ботла 


. Соттом, Е. A., Chemical Applications of Group Theory, 2nd ей. (an excellent 


introductory text), Interscience, 1970. 


. ATKINS, Р. W., Снир, M. S. and PuiLLips, C. S. G., Tables for Group Theory, 


Oxford University Press, 1970. 


. NICHOLLS, D., Complexes and First Row Transition Elements, Macmillan, 1974. 
. Оксн, D. S., Orbitals and Symmetry, Penguin, 1970. 


FiGais, B. N., Introduction to Ligand Fields, Wiley, 1966. 5 
BALLHAUSEN, C. J., Introduction to Ligand Field Theory, McGraw-Hill, 1962. 
DavipsoN, G., Introductory Group Theory for Chemists, Applied Science 
Publishers Ltd., 1971. (An excellent and readable introductory text). 
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APPENDIX IV 


SOME AVERAGE SINGLE BOND ENERGIES IN kJ mol 


M 


I Br го CR S er P Nam Bi Gt 
H 297 368 431 565 339 464 318 389 293 414 435 
c 238 276 330 439 259 351 263 293 289 347 
Si 213 289 360 539 226 368 213° — 176 
N — 243 201 272 — 201 209° 159 
P 213 272 330 489 230° 351° 213 
(0) 201 — 25 184 — 138 
S — 213 251 284 213 
F = 255 184 159 
CI 209 217 243 
Br 180 193 


— 


151 


e indicates value estimated using electronegativity difference. 


SOME DOUBLE AND TRIPLE BOND 
ENERGIES 


EN ick xen ЕШШ СЫ 
с=с 611 С=С 836 
C=N 615 CEN 891 
С=О 740 С=О 1071 
N=N 418 NEN 945 
NEN 4183) (0h) MEI =. 


APPENDIX V 


SOLUBILITIES OF MAIN GROUP COMPOUNDS IN WATER 
(grammes of solute per 100 grammes of water at 20 °C unless otherwise indicated) 


EEG в- I OH- NO, CO;- SO- HCO, 
NH,* vs 37 75 172 192 12 75 
Lit 0.27 83 177 165 12-8 70 1:33 35 
Na* 40 36 91 179 109 87 21 19.4 9.6 
K* 95 34-7 67 144 112 31-6 112 11-1 22-4 
Rb* 131 91 110 152 177 53 450 48 
Cat 7370 186 108 79 330 23 г. ўв 179 
Bet vs vs s dec ss 107 39 
Mg?* 0-008 54.2 102 148 0-0009 70 ss 33 
Ca^ 0-0016 74.5 142 209 0.156 129 ss 0-21 
S?* 0.012 53.8 100 178 0.80 71 ss 0-013 
Ba? 0.12 36 104 205 3.9 8.7 ss 0.00024 
АР+ 0.55 70 ас dec dec 55 63 38 
Ga* 0:002 vs s dec ss vs 
In** 0.04 vs vs dec ss 
TIE 78.6 0-33 0-05 0.0006 25-9" 9-55 4.0" 8 
TRE дес vs s s s 4-87 
Се! s dec de s 
Се?” dec dec dec dec 
Sn" Уз 270 дес» s 0-98 ss dec 334 
Sn" уз dec dec dec 


Pb! 0.064 0.99 0-844 0063 0-016 55 0.00011 ss 


As" 

Sb!! dec dec dec dec dec 85 
Sb" dec 

Bi" ss dec dec ss 0-00014 dec dec 


vs — very soluble; s — soluble; ss — slightly soluble; dec — decomposes. 
a—at0?C;b-at15 °C; c =at 18 °C; d = at 25 °С. 


APPENDIX VI 
ATOMIC WEIGHTS (based on !?С = 12-000) 


Actinium 227 Mercury 200-59 
Aluminium 26-982 Molybdenum 95.94 
Americium (243) Neodymium 144-24 
Antimony 121-75 Neon 20-183 
Argon 39-948 Neptunium (237) 
Arsenic 74-922 Nickel 58-71 
Astatine (210) Niobium 92-91 
Barium 137-34 Nitrogen 14-0067 
Berkelium (249) Nobelium (254) 
Beryllium 9-102 Osmium 190-2 
Bismuth 208-98 Oxygen 15-9994 
Boron 10-811 Palladium 106-4 
Bromine 79-909 Phosphorus 30-9738 
Cadmium 112-40 Platinum 195-09 
Caesium 132-905. Plutonium (242) 
Calcium 40-08 Polonium (210) 
Californium (251) Potassium 39-102 
Carbon 12-01115 Praseodymium 140-91 
Cerium 140-12 Promethium (147) 
Chlorine 35-453 Protactinium (231) 
Chromium 51-996 Radium (226) 
Cobalt 58-933 Radon (222) 
Copper 63-54 Rhenium 186-22 
Curium (247) Rhodium 102-91 
Dysprosium 162-50 Rubidium 85.47 
Einsteinium (254) Ruthenium 101-07 
Erbium 167-26 Samarium 150-35 
Europium 151-96 Scandium 44-96 
Fermium (253) Selenium 78.96 
Fluorine 18-993 Silicon 28-086 
Francium (223) Silver 107-870 
Gadolinium 157-25 Sodium 22-9898 
Сайит 69-72 Strontium 87.62 
Germanium 72.59 Sulphur 32-064 
Gold 196-967 Tantalum 180-95 
Hafnium 178-49 Technetium (99) 
Helium 4-003 Tellurium 127-60 
Holmium 164-93 Terbium 153,92 
Нуйговеп 1-00797 Thallium а 
Indium 114-82 Thorium 232. 
Iodine 126-904 Thulium dpud: 
Iridium 192-2 Tin ped 
Iron 55.847 Titanium 183/85 
Krypton 83-80 Tungsten 238. 03 
Lanthanum 138-91 Uranium 942 
Lead 207-19 Vanadium San 
Lithium 6-939 Xenon Me 
Lutetium 174-97 Ytterbium 88.91 
Magnesium 24-312 Yttrium 65.37 
Мапрапеѕе 54-938 Zinc 91-22 


Mendelevium (256) Zirconium 
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APPENDIX VII 
STANDARD TEXTBOOKS 


In addition to the Further Reading lists given at the end of each Chapter, 
further information or a more sophisticated treatment may be found in the 
following: 


Advanced and Reference 


Corron, F. А. and Witkinson, G., Advanced Inorganic Chemistry, 3rd ed., Wiley; 
1972. 

This is an excellent advanced modern textbook for Honours and Postgraduate readers. 

It is the standard reference book, containing General Theory, Non-Transition Elements 

and Transition Elements. It also provides extensive references to the original literature, 


but some parts — notably the transition elements — are treated in more detail than „ 


required by many B.Sc. Honours Chemistry Courses. 

PuiLLiPS, C. S. G. and WiLLIAMS, R. J. P., Inorganic Chemistry, Clarendon Press, 
1965—66 (2 volumes). 

This is another excellent comprehensive book for Honours and Postgraduate readers. 

Unlike most other books which base their coverage of topics on the long form of the 

Periodic Table, volume 1 covers principles and the nonmetals, and volume 2 covers 

the metals. 

BAILAR, J. C., EMÉLEUs, H. J., NYHOLM, R. S. and TROTMAN-DICKINSON, А. F. 
(Editors), Comprehensive Inorganic Chemistry, Pergamon, 1973 (5 volumes). 

This is a comprehensive up-to-date reference book containing detailed information, as 

well as providing many references to the literature. 

SipGwick, N. V., Chemical Elements and their Compounds, Oxford University Press, 
1950 (2 volumes). 


Honours Degree Texts 


Mackay, К. M. and Mackay, К. A., Introduction to Modern Inorganic Chemistry, 
Intertext, 1972. 

HESLOP, R. B. and Jones, K., Inorganic Chemistry, Elsevier, 1976. 

CorroN, F. A. and WILKINSON, G., Basic Inorganic Chemistry, Wiley, 1976. 

PARTINGTON, J. R., General and Inorganic Chemistry, 4th ed., Macmillan, 1966. 

This is written in the old style, and includes useful historical material, and details of 

industrial processes. 


Other Standard Texts 


EMÉLEUS, H. J. and SHARPE, A. G., Modern Aspects of Inorganic Chemistry, 
Routledge and Kegan Paul, 1973. 

An excellent up-to-date coverage of special topics. 

Massey, A. G., The Typical Elements, Penguin, 1972. 

An up-to-date coverage of the main groups. 

Bett, C. F. and Lott, К. A., Modern Approach to Inorganic Chemistry, 3rd ed., 
Butterworths, 1976. 

For general degree, HNC and HND. 

MOELLER, T., Inorganic Chemistry, Wiley, 1952. 

Gives good coverage of the main groups, but is slightly dated. 

Harvey, К. B. and Porter, С. B., Introduction to Physical Inorganic Chemistry, 
Addison-Wesley, 1965. 


INDEX 


Absorbance, 475 

Abundance of elements, 109—110, 129, 140, 
156, 173, 200, 229, 258, 278 

Acetaldehyde, manufacture of, 369 

Acetone, manufacture of, 369 

Acetylene, 29, 136 

Acids and bases, theories of, 123-125 


* Actinides, 406—418 


americium, 416—417 
availability, 409 
comparison with lanthanides, 410 
electronic structure, 409—411 
further extension of the periodic table, 417— 
418 
later actinides, 417 
main isotopes and their sources, 408 
neptunium, 416—417 
occurrence and preparation, 406—409 
oxidation states, 406, 411 
plutonium, 416—417 
position in the periodic table, 20-21, 409- 
411 
protactinium, 413 
thorium, 412 
uranium, 413—416 
Actinium (see Scandium group) 305-308 
decay series, 459 
Alkali metals (see Group I) 128-139 
Alkaline earth metals (see Group Ш) 139-153 
Alkyl chlorosilanes, 193—194 
Alloys, 20, 80, 85 
interstitial, 85—86 
substitutional, 86-89 
Aluminium (see also Group Ш) 154-171 
alkyl catalysts, 170 
chloride, 155, 167 
complexes, 169 
extraction, 113, 171 
organometallic compounds, 169—170 
oxide, 112, 156, 160, 171 
salts, hydrolysis of, 155 
Alums, 354, 420 
Americium (see Actinides) 406—418, 416- 
417 
Ammonia, 28, 52-53, 200, 205-207 
liquid, 123, 125, 131, 132, 134-135, 209- 
210 
production by Haber process, 205 


Ammonium ion, 28 
sulphate, 204—205 
Amphiboles, 189-191 
Angular part of wave equation, 16-17 
Antimony (see also Group V) 200-228 
allotropic forms, 203 
extraction, 112, 209 
hydride, 110, 206 
oxide ion SbO*, 201 
oxides, 218 
pentahalides, 213 
reduction potentials, 202 
sulphide, 112 
trihalides, 200, 211-213 
Anti-neutrino, 454—455 
Argon (see Group 0) 278-288 
Arrangement of the elements in groups, 20-22 
Arrhenius theory of acids, 123 
Arsenic (see also Group V) 46, 200-228 
allotropic forms, 203 
extraction, 112, 209 
hydride, 110, 206 
oxides, 218 
pentahalides, 213 
reduction potentials, 202 
trihalides, 211-213 
Arsine, 110, 206 
Asbestos, 191 
Astatine, 254, 260 


Atomic 
bomb, 414, 460 
number, 1 of 
size, 22 E 
Attainment of a stable configuration, 24 
Aufbau build-up principle, 69 
Azides, 110, 202, 210-211 


Benzene ammino nickel cyanide, pe 


ides) 
Beryllium (see also Group Ш 139-153 
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492 5. 


Beryllium—contd. 
basic acetate, 148, 150 
basic nitrate, 144 
electronic structure, 2, 17, 19 
fluoride, 39, 47-49 
metallic structure, 84—85 
molecule, 70 
Bessemer converter, 357 
Beta emission, 454 
Bicarbonates, 135, 184 
Bidentate ligands, 423, 443, 449 
Binding energy, 456-457 
Birkeland-Eyde process, 214, 216 
Bismuth (see also Group V) 200-228 
bismuthine, 206 
extraction, 209 
halides, 201, 211-212 
hydride, 206 
oxide, 218 
oxide ion BiO*, 201, 212 
reduction potentials, 202 
structure, 204 
Body-centred cubic structure, 29-31, 35-36, 
79-80, 130 
Bohr theory, 2, 4-9, 11 
3ond 
coordinate, 28-29 
covalent, 25, 27-28, 32-41 
MO theory, 61-76 
valence bond theory, 46-61 
delta, 341, 378 
double, 28—29 
dn-pn, 324, 334 
hydrogen, 207, 231, 235, 261 
ionic, 25—27, 32-41 
metallic, 25—26, 29—31, 80-84 
М-М bonds in compounds, 320, 326-328, 
339—340, 355, 358—359, 363, 370-371, 
382, 387-389 
multicentre, 169 
of intermediate character, 31 
order of, 72-74 
pr-dr, 176, 182, 219-220, 228, 231, 241, 
242 
three-centred, 145, 162—163, 169 
triple, 28-29 
types of, 24-26 
Bonderizing, 225, 348 
Bonding and antibonding orbitals, 62—64 
Bordeaux mixture, 381 
Borides, 26 
Born exponent, 37—38 
Born-Haber type of cycle, 37, 97-98, 106, 
129, 433 
Born-Landé equation, 37, 133, 142, 146, 433 
Boron (see also Group III) 154-171 
borates, 157—160 
borax, 154, 159, 170, 171 


Boron—contd. 
borax-bead test, 157 
borazole, 163, 164 
borohydrides, 164—165 
carbide, 198 
carboranes, 162, 163 
dihalides, 167—168 
electronic structure, 2, 17, 19 
extraction, 170-171 
hydrides 161—166 
hydroboration, 165-166 
molecule, 70 
monohalides, 168—169 
nitride, 163—164 
order of MO energy levels, 68 
orthoboric acid, 157, 158, 160, 170-171 
phosphate, 157 
sesquioxide, 157, 170, 171 
trihalides, 28, 50—51, 110, 161, 
171 
Brackett series, 3—4, 6 
de Broglie, 9, 10 
Bronsted-Lowry theory of acids, 123—124 
Bromine (see also Group VII) 254—277 
extraction, 111, 260 
interhalogen compounds, 271—274 
oxides, 254, 264-268 
oxidizing power, 257-258 
oxyacids, 268-270 
polyhalides, 274-275 
reactivity, 258 k 
uses, 260 
Brown ring test, 215, 352 


166—167, 


Cadmium (see also Zinc Group) 382-391 
complexes, 385-386 
extraction, 111, 390-391 
halides, 40—41, 98, 385 
oxide, 384—385 
Caesium (see also Group I) 128-139 
chloride, 34—35, 38, 41, 135 
Calamine, 391 
Calcium (see also Group II) 139-153 
chloride, 27, 136 
cyanamide, 146, 205, 209 
fluoride, 38—39, 98, 258 
hypochlorite, 209 
phosphate, 204, 209 
Calgon, 223, 225 
Californium (see Actinides) 406—418 
Carbides, 26, 111, 115, 197-198 
interstitial, 86, 197-198 
of Group I, 136-137 
of Group II, 146 
of transition elements, 307, 314, 317, 337 
Carbon (see also Group IV) 171—199 
allotropy, 172, 195-196 
differences from Group IV, 173 


Carbon—contd. 
dioxide, 59, 66, 79, 80, 115, 183—185 
disulphide, 178 
electronic structure, 2, 17, 19 
halides, 177—179, 278 
mixed chlorofluorocarbons, 178-179 
monoxide, 111—112, 115, 181—183 
estimation, 267 
molecular structure, 73—74 
order of MO energy levels, 68 
suboxides, 185 
Carbonate ion, 184 
Carbonyl chloride, 178, 183 
Carbonyls, 26, 110, 181—183, 301, 324, 334, 
337, 350—351, 358-359, 366—367 
Carborundum, 198 
Carnallite, 420 
Caro's acid, 254 
Castner Kellner process, 131 
Castner process, 136 
Cerium (see Lanthanides) 394—405 
Chalcopyrites, 381 
Charge transfer spectra, 179, 328, 336, 399, 
429 
Chlorine (see also Group УП) 27, 254-277 
dioxide, 266 
extraction, 259 
interhalogen compounds, 271-274 
oxides, 254, 264-268 
oxidizing power, 257-258 
oxyacids, 268-270 
polyhalides, 274—275 
reactivity, 258 
trifluoride, 54—55, 271—273 
uses, 259—260 
Chlorophyll, 149, 444 
Chloroplatinic acid, 372 
Chromates, 329, 333-334 
Chromium group, 323-334 
chromates, 329, 333-334 
chromites, 328 
chromium(II) acetate, 326 
chromium complexes, 425, 430-431, 436- 
437, 439, 446 
extraction, 333-334 
halides, 326—328, 437 
М-М bonds, 326, 327, 328 
molybdates, 329-332 
oxidation states, 323-324 
oxides, 328—329 
oxyhalides, 333 
reactivity, 325 
reduction potentials, 324 
size, 325 
tungstates, 329—332 
tungsten bronzes, 332 
uses, 333-334 
Chrysotile, 191 
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Cinnabar, 391 
Cis-isomers, 423, 447—448 
Clathrate compounds, 280, 368-369 
Clay minerals, 191 
Close packing, 29-31, 33, 34, 35, 40, 79-80 
Cluster compounds, 26, 82, 135, 145, 162- 
163, 316, 319-321, 326-327, 339-340, 
355, 358-359 
Coal gas, 181 
Cobalt group, 357—365, 373 
carbonyls, 358-359 
complexes, 421, 424, 425, 431, 436-437, 
439, 446-449, 476, 483 
(+ID compounds, 360—361 
(+Ш) compounds, 362-364 
(+IV) compounds, 364 
(+V) compounds, 364 
(4- VI) compounds, 364 
extraction, 364-365 
nitrogen complex, 359 
oxidation states, 357 
oxidative addition reaction, 360 
reactivity, 357-358 
Cohesive force in metals, 77-79 
Complexes, 420-449 
chelate, 442-444 
conductivity of, 421-422 
cryoscopic measurements, 424 
dipole moments of, 424-425 
effective atomic num of, 425-426 
electronic spectra, 425 
isomerism, 422—424, 446-449 
magnetic moment, 424 
nomenclature, 445-446 
number of isomers, 422—424 
octahedral, 422-423 
lynuclear, 449 
nuoc (see also Nickel) 438-439 
tetrahedral, 439—442 
Werner's work, 420-424 
Conductivity of metals, 76-71 
Conductivity measurements, 133,421-422 
Conductors, 85 
Contact кос: 25 249 
rdinate bon 
Cordi number, 29, 31, 32, 79 
Copper group, 374-382 
alloys, 86-89 
anhydrous copper(II) acetate, 379 
anhydrous copper(II) nitrate, 378-379 
yur, 77 
c 420, 425, 431, 431-439, 443. 
478 
+1) compounds, 376-377 
(ш) compounds, 377-380 
conductivity, 76 
915] ionation, 109 
extraction, 111, 112, 381-382 
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Copper group—contd. 
oxidation states, 374 
reactivity, 374—375 
reduction potentials, 109, 374 
tetragonal (Jahn-Teller) distortion, 377— 

378 

Correlation diagram, 76 

Coupling 
of orbital angular momenta, 465—466 
of spin momenta, 467 
of spins and angular momenta, 343—344, 

467—468 

Covalent radii, table of, 93 

Cristobalite, 185—186 

Cryolite, 113, 171 

Cryoscopic measurements, 424 

Crystal field theory, 426—442 
assumptions made, 427 
magnitude of A,, 430 
octahedral splitting, 428 
splitting by various ligands, 430—431 
splitting on descending a group, 431 
splitting related to charge, 431 
square-planar, 438—439 
stabilization of lattice energy, 433-434 
tetrahedral splitting, 441 

Curium (see Actinides) 406-418 

Currency metals, 374-382 

Cyanamide, 146, 205, 209 

Cyanates, 199 

Cyanides, 66, 198—199 

Cyanogen, 199, 277 

Cyanuric triazide, 211 

Cyclotron, 407, 460 


Daniell cell, 105 
Dative z bonding (see Bonds, pz-dz) 
d block, 20, 294-393 
ability to form complexes, 301 
abundance, 305 
boiling points, 78 
catalytic properties, 299 
CFSE of dihalides, 434 
chromium group, 323-334 
cobalt group, 357-365 
colour, 296—297 
copper group, 374-382 
covalent radii and the lanthanide con- 
traction, 295—296, 401 
density, 294 
heats of atomization, 78 
hydration energies, 435 
ionic radii, 295-296, 435—436 
ionization energies, 296 
iron group, 346-357 
lattice energy and CFSE, 433-435 
magnetic properties, 297—299 
manganese group, 334—346 


d block—contd. 
melting point, 78, 296 
metallic radii, 87 
nickel group, 365—373 
nobility, 296 
nonstoichiometry, 304—305 
oxides and halides, table of, 302—304 
scandium group, 305—308 
stability of various oxidation states, 301 
titanium group, 308—315 
vanadium group, 315-323 
variable valency, 299—301 
zinc group, 382-391 
Deacon process, 259 
Defects 
Frenkel, 42-43 
metal-deficient, 45 
metal excess, 43—44 
nonstoichiometric, 43—45 
number of defects, 41, 42 
Schottky, 41—42 
stoichiometric, 41—43 
Delta bond, 341 
Delta molecular orbitals, 68 
Density 
of elements, 486 
of nucleus, 451 
Depression of freezing point, 424 
Detergents, 170, 222, 225, 243, 261 
Devarda's alloy, 218 
Diagonal relations, 116—117, 138—139, 151 
Diamond, 31, 76, 195 
Dimethyl glyoxime, 368 
Dinitrogen tetroxide, 125, 144, 214, 216 
Dipole moment, 280, 424 
Dipyridyl complexes, 301, 309, 323 
Direct process, 194 
Disproportionation, 109 
Dithionous acid, 246, 249 
d orbitals 
extent of participation in bonding, 58—59 
Shape, 12, 16, 426 
Double salts, 139, 354, 367, 384, 401, 420 
Downs process, 136 
Drude free electron theory of metals, 80—81 
Dysprosium (see Lanthanides) 394—405 


EDTA, 149, 402, 444 
Effective atomic number rule, 182, 425—426 
Effective nuclear charge, 92, 102, 140, 155, 
435 
Einsteinium (see Actinides) 
Electrochemical series, 104—105 
Electrode potential, 104 
Electron affinity, 97—98 
charge, 4—6, 23 
deficiency, 82, 122, 145, 162-163, 165, 
167, 169 i 


Electron affinity—contd. 
diffraction, 9 
mass, 1,4—6, 23 
pair theory, 46—61 
particles or waves, 8—9 
penetration, 155 
Electronegative elements, 24—25 
Electronegativity, 53-54, 99-102 
Electronic spectra, 425, 463—483 
Electropositive 
character, 102—104 
elements, 24—25 
Ellingham diagrams, 113-116 
Energy levels 
for homonuclear diatomic molecules, 71 
for NO, 74 
sequence of, 19—20 
Erbium (see Lanthanides) 394—405 
Ethylene, 29, 66, 170, 313, 369 
Europium (see Lanthanides) 394—405 
Extraction of elements 
actinides, 406—409 
chromium group, 333—334 
cobalt group, 364—365 
copper group, 381-382 
displacement method, 111 
electrolysis, 112 
general methods, 110-111 
Group I, 136 
Group II, 149-151 
Group III, 170-171 
Group IV, 172 
Group V, 208-209 
Group VI, 232-233 
Group VII, 258-260 
high temperature reduction, 111-112 
hydrogen, 119-120 
iron group, 356-357 
lanthanides, 401—404 
manganese group, 346 
mechanical separation, 110 
nickel group, 373 
scandium group, 308 
thermal decomposition, 110-111 
thermodynamics of, 113-116 
titanium group, 314—315 
vanadium group, 323 
zinc group, 390-391 


Face-centred cubic (see Close packing) 
Facial isomers, 423 

Fajan's rules, 102, 236 

f block, 20-22, 394-419 

F-centres, 44 

Feldspars, 192 

Fermi units, 451, 452 

Fermium (see Actinides) 406-418 
Ferricyanide ion, 198, 352 
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Ferrite process, 131, 349 

Ferrous metals, 346, 348 

Fertilizer, 146, 204—205, 225 

Fission, 417, 451, 460-461 

Flame colourations, 2, 129 

Fluoborate ion, 52, 166 

Fluorine, 254-277 
electronic structure, 2, 19 
extraction, 112, 258-259 
interhalogen compounds, 271-274 
molecular structure, 72—73 
oxides, 264-268 
oxidizing power, 257—258 
reactivity, 258-259 
weakness of F-F bond, 72, 256, 259 

Fluorosulphuric acid, 252 

orbital, 13 

Forsterite, 187 

Francium (see also Group 1) 128, 128-139, 

139 

Free energy (Ellingham) diagrams, 113-114 

Frenkel defects, 42-44 

Freons, 178-179, 261 

Friedel-Crafts reaction, 167 

Fuel rods, 334, 346, 407, 416 

Fusion, 461 


Gadolinium (see Lanthanides) 394—405 
Gallium (see also Group III) 154-171 
‘divalent’ compounds, 156 
Galvanizing iron, 108, 348 
Gamma radiation, 452 
Germanes, 177 
Germanium (see also Group IV) 46, 171-199 
complexes, 175, 179 
extraction, 172 
halides, 178 
пуна ШЇ 
oxides, 
Gold (see also Copper group) 77, 374-382 
complexes, 439 
Gossage's process, 131 
Gouy magnetic balance, 297-298 
calibration of, 361 
Graham’s salt, 223-224 
Graphite, 137, 195-196 
compounds, 196-197 
fluoride, 197, 259 
Grignard compounds, 146-147, 150 
Grignard reactions, 169, 194, 228 


complexes, 137-138 
conductivity, 133 
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Group I—contd. 
covalent radii, 93 
extraction, 136 
halides, 135—136 
heats of atomization, 78 
heats of sublimation and dissociation, 79 
hydration, 132-134 
hydrides, 132 
hydroxides, 131 
interatomic distances in M;, 79 
ionization energy, 94—96 
melting points, 78 
metallic radii, 87 
nitrates, 135 
oxides, 131—132 
phosphates, 222 
radius ratios of halides, 36 
solubility in liquid ammonia, 134—135 
solubility of salts, 132-134 
sulphides, 132 

Group II, 20, 139—153 
boiling points, 78 
carbonates, 143—144 
complexes, 147—149 
covalent radii, 93 
extraction, 150-151 
halides, 145—146 
heats of atomization, 78 
hydrides, 145 
hydrolysis of salts, 141 
hydroxides, 142—143 
ionization energy, 95—96 
lattice energy, 142 
melting points, 78 
metallic radii, 87 
nitrates, 144 
nitrides, 146 
organometallic compounds, 146—147 
oxides, 143 
radius ratios of oxides, sulphides, etc., 36 
solubility of salts, 142 
sulphates, 144 

EU Ш, 20, 154—171 
boiling points, 78 
borates, 157—160 
boron sesquioxide, 157 
complexes, 169 
covalent radii, 93 
dihalides, 156, 167-168 
electropositive character, 156 
extraction, 170-171 
heats of atomization, 78 
hydrides, 161-165 
hydroboration, 165—166 
ionization energy, 95~96 
melting points, 78 
metallic radii, 87 
monohalides, 168-169 


Group III—conid. 
organometallic compounds, 169—170 
oxides, 160—161 
reduction potentials, 156 
trihalides, 166-167 
Group IV, 20, 171—199 
allotropy of carbon, 195—196 
carbides, 197-198 
complexes, 175 
covalent radii, 93 
cyanides, 198-199 
differences between C and the others, 173 
graphitic compounds, 196-197 
halides, 177—179 
hydrides, 177 
inert pair effect, 175 
internal л bonding, 176 
ionization energy, 95—96 
metallic and nonmetallic character, 103, 
172-173 
metallic radii, 87 
occurrence and extraction, 172 
organic derivatives, 199 
oxides, 181—186 
reaction mechanisms, 180-181 
reduction potentials, 174 
silicates, 187—192 
silicones, 193-195 
Group V, 20, 200—228 
azides, 210-211 
bond type, 200-201 
covalent radii, 93, 156 
differences between N and other elements, 
201-202 
extraction, 208-209 
halides, 211—213 
hydrides, 205-208 
ionic radii, 156 
ionization energy, 95—96, 156 
liquid ammonia as a solvent, 209—211 
metallic and nonmetallic properties, 202—203 
metallic radii, 87 
nitrogen fixation, 204—205 
organometallic compounds, 228 
oxides and oxyacids of nitrogen, 213—218 
oxides and oxyacids of P, As, Sb and Bi, 
218-225 
рл-л bonding, 219—220 
phosphonitrilic compounds, 227—228 
phosphoric acid series, 220-224 
phosphorous acid series, 220, 224-225 
reduction potentials, 202 
structures of the elements, 203-204 
sulphides, 226-227 
uses of phosphates, 225 
Group VI, 20, 229~254 
abundance, 229, 232—233 
bond type, 229 


Group У1—сота. 
covalent radii, 93, 229 
differences between O and the other ele- 
ments, 231 
extraction, 232-233 
halides, 237—240 
hydrides, 235—237 
ionization energy, 95—96 
metallic radii, 87 
organo derivatives, 253-254 
oxides, 240 
oxyacids of S, 246-251 
oxyacids of Se and Te, 251 
oxyhalides, 252 
p7-d bonding, 231 
reduction potentials, 230 
ring compounds of S and N, 252-253 
stereochemistry, 230 
structures of the elements, 233-235 
uses, 232 
Group VII, 20, 254-277 
acid strength of HX, 262-264 
bond energy of Х„ 256 
colour of X,, 256 
covalent radii, 93, 258 
electron affinity, 97, 98, 256 
hydration energy, 256, 257 
hydrogen halides HX, 260-264 
interhalogen compounds, 271-274 
ionic radii, 258 
ionization energy, 95—96, 256 
metallic properties, 276 
oxides, 264—268 
oxidizing power of X,, 257 
oxyacids, 268—270 
polyhalides, 136, 274-275 
positive iodine, 256, 276-277 
pseudohalogens, 277 
reactivity of the elements, 258 
separation and uses, 258-260 
Group 0, 20, 22, 24, 278-288 
atomic radii, 93, 278 
chemistry of xenon, 280-283 
‘compounds’ of the noble gases, 279-280 
ionization energy, 278 
occurrence, 279 
special properties of helium, 278-279 
structure and bonding in xenon compounds, 
283—288 
uses, 279 


Haber-Bosch process, 216 

Haber process, 205, 214 

Haemoglobin, 253-254, 351-352, 444 
Hafnium (see Titanium group) 308-315 
Half-life period, 455—456 

Halides of transition elements, 302-304 
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Halogen 
acids, 260-264 
oxides, 264-268 
oxyacids, 268—270 
Halogens (see Group VII) 254-277 
Heat of 
dissociation, 98, 129—130, 257, 262 
formation, 98, 129-130 
hydration, 98, 105-106, 133-134, 257, 
262 
sublimation, 98, 105—106, 130 
Heavier elements (see Actinides) 406—418 
Heisenberg uncertainty principle, 9 
Helium (see also Group 0), 1, 17, 19, 22, 
278-288 
molecule, 69 
molecule ion, 69 
Hess’s law, 98, 130 
Heteropolyacids, 330-332 
Hexagonal close packing, 29-31, 40-41, 79- 
80, 130 
High temperature reduction methods, 111— 
112 
Holmium (see Lanthanides) 394—405 
Horizontal relationships in the periodic table, 
116-117 
Hot dipping, 348  - 
Hume-Rothery’s rules, 88-89 
Hund's rule, 17, 19, 70, 72, 431 
for determining ground state, 470-471 
Hybrid orbitals 
sp, 49—50, 58, 59 
sp, 50, 58, 60 


Hybridization, 49—61 
Hydrate isomerism, 446 
Hydration energy, 98, 104—105, 133-134, 
257, 262 
Hydrazine, 200, 207-208 
Hydrazoic acid, 210-211 
Hydrides 
covalent, 121—122 
Group I, 132 
Group II, 144-145 
Group Ш, 161-165 
Group IV, 177 
Group V, 205-208 
Group VI, 235-237 
Group VII, 260-264 
interstitial, 26, 86, 122 
ionic, 121, d ike 
Hydroboration, 165— 
perg 1, 17, 19, 22, 117-120 
atomic spectra, 2, 7-8 
Balmer series, 3, 6 
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Hydrogen—contd. 

Brackett series, 3—4, 6 

ion, 122—123 

isotopes, 117-119 

Lyman series, 3, 6 

manufacture, 120 

molecule, 69 

molecule ion, 69 

ortho and para, 119 

Paschen series, 3-4, 6 

peroxide, 236-237 

Pfund series, 3—4, 6 

position in the periodic table, 22 

radial distribution functions, 15 
Hydrogen bromide, 261 

acidic strength, 262-264 

ionic character, 100 
Hydrogen chloride 

ionic character, 100 

molecular structure, 74—75 

preparation, 261 
Hydrogen cyanide, 199 
Hydrogen fluoride, 112, 258-259 

acidic strength, 262-264 

as a non-aqueous solvent, 264 

ionic character, 100 
Hydrogen iodide, 261 

acidic strength, 262-264 

ionic character, 100 
Hydrogen peroxide, 236-237 
Hydrogen selenide, 235-236 
Hydrogen sulphide, 235-236 
Hypochlorous acid, 265 
Hypophosphoric acid, 224 
Hypophosphorous acid, 224—225 


I.C.I. process for Ti, 112, 279, 315 
Indium (see Group III) 46, 154—171 
Induced nuclear reactions, 459—461 
Inert gases (see Group 0) 278—288 
Inert pair effect, 155—156, 175 
Insulators, 85 
Interhalogen compounds, 271-274 
Todine (see also Group VII) 254-277 
extraction, 260 
heptafluoride, 58, 273-274 
interhalogen compounds, 136, 271—274 
oxides, 264—268 
oxidizing power, 257-258 
oxyacids, 268-270 
pentoxide, 267 
phosphate, 277 
polyhalides, 274-275 
positive iodine, 256, 276-277 
reactivity, 258 
uses, 260 
Ton bombardment, 406—409, 417-418 


bond (see Bonds, ionic) 26 
size, 36, 92 
Tonic structures 
cadmium iodide, 40—41 
caesium chloride, 35 
calcium fluoride, 38—39 
close packing, 33-34 
lattice energy, 36 
limiting radius ratios, 32—33 
perovskite, 344 
rhenium trioxide, 344 
rutile, 38—39 
sodium chloride, 35 
wurtzite, 34—35 
zinc blende, 34—35 
Ionization energies, 94—97 
table of, 95 
Iridium (see Cobalt group) 357—365 
complexes, 431, 439 
complex with О„ 254 
Iron group, 346-357, 373 
carbonyls, 350-351, 355 
complexes, 254, 352—355, 420, 425, 431, 
436, 439, 482-483 
double salts, 354 
extraction, 111, 356-357 
ferrocene, 353-354 
galvanizing, 108, 348 
general properties, 347—348 
iron compounds, 350—355 
nitrogen fixation, 356 
oxidation states, 346—347 
oxides, 45, 348-350 
pi-bonded complexes, 356 
reduction potential diagram, 108 
rusting, 348 
Isomerism 
coordination, 447 
coordination position, 447 
facial, 423 
geometric, 422—424, 447—448 
hydrate, 446 
ionization, 446 
linkage, 447 
meridianal, 423 
number of isomers, 422—424 
optical, 180—181, 422—423, 448—449 
polymerization, 446 
Isomorphous replacement, 188 
Isopolyacids 
borates, 157—160 
chromates, 329—332 
molybdates, 329-332 
phosphates, 220-225 
silicates, 187—192 
tungstates, 329—332 
Isoprene, 170 
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Jahn-Teller 
square-planar complexes, 438—439 
tetragonal distortion, 377-378, 436—438, 
481 
theorem, 438 


Kaldo process, 232, 357 

Kaolin, 191 

K-electron capture, 455 

Kroll Process, 112, 279, 315, 323 
Krypton (see Group 0) 278-288 


Lanthanide contraction, 295-296, 316, 325, 
336, 346, 348, 400—401 
Lanthanides, 20—22, 26, 394—405 
abundance and number of isotopes, 404— 
405 
colour and spectra, 398—399 
complexes, 403—404 
contraction in size, 295-296, 316, 325, 
336, 346, 348, 400—401 
coordination numbers, 403—404 
electronic structure, 394—395 
extraction, 404 
ionic radii, 400 
magnetic properties, 399—400 
oxidation states, 394—395 
‘anomalous’, 397—398, 402 
position in periodic table, 20-21 
properties of (+Ш) state, 395—397 
separation methods, 401—403 
solubility, 398 
Lanthanum (see Scandium group) 305—308 
Laporte selection rule, 475—476 
Lattice energy, 36-38, 97-98 
and CFSE, 433—435 
Lawrencium (see Actinides) 1, 406—418 
Layer structures, 40—41 
LCAO method, 61—75 
rules for combination of orbitals, 68 
LD process, 232, 357 
Lead (see also Group IV) 171—199 
azide, 211 
extraction, 112, 172 
halides, 177 
hydride, 177 
sulphide, 112 
tetraethyl, 199 
Le Chatelier’s principle, 205 
Levelling solvents, 124, 210 
Lewis theory of acids and bases, 124—125 
Ligand field theory, 426—427 
Ligands, strength of, 430 
Lime, 144 
Lime water, 143 
Linear accelerator, 406, 407, 460 
Liquid ammonia, 123, 125, 131, 132, 134- 
135, 209-210 
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Lithium (see also Group I) 128-139 
aluminium hydride, 132, 144, 161, 165, 
169, 177 
chloride, 25, 98, 135 
differences from the rest of the group, 137— 
139 
electronic structure, 2, 17, 19 
metallic structure of, 82—83 
molecule, 69, 82 
nitride, 131 
oxide, 131 
Lone pair repulsions, 53, 55 
Lowig (ferrite) process for NaOH, 131, 349 
Lutetium (see Lanthanides) 394—405 
Lyman series, 3, 6 


Maddrell’s salt, 223 
Madelung constant, 37—38 
Magic numbers, 452 
Magnesium (see also Group П) 139-153 
extraction, 111, 115, 149-151 
Grignard compounds, 146-147, 150, 169, 
194, 228 
perchlorate, 270 
Magnetic moment, 297-299, 361, 424 
of octahedral complexes, 432 
of tetrahedral complexes, 442 
Magnetic quantum number, 8, 11-13, 17, 
18 
Magnus’ green, 370 
Malachite, 381 
Manganese group, 334-346 
basic acetate, 339 
cluster compounds, 339-340 
complexes, 337-338, 431, 436-437, 476, 
482—483 
(+) compounds, 337—338 
(+ Ш) compounds, 339—341 
(+IV) compounds, 34 1-343 
(4 V) compounds, 343 
(+ VI) compounds, 343-344 
(+УП) compounds, 344-346 
extraction, 112, 346 
fluoride, 437 
oxidation states, 334-335 
reduction potentials, 335 
Marsh’s test, 110, 206 
Mattauch's сао, ДОР ‘ies 
Melting points of the elements, 
МЕДЕ flit (see Actinides) 406-418 
Mercury (see also Zinc group) 382-391 
(+1) compounds, 386-389 
organo compounds, 389-390 
oxide, 111 
toxicity, 390 
Meridianal isomers, 423 
Meson, 453 
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Metallic 
bonds (see Bonds, metallic) 
character, 102-104 
radii, 79, 87 
Metals 
clusters (see Cluster compounds) 
cohesive force, 77-79 
conductivity, 32, 76—77 
coordination number, 79 
crystal structures, 79-80 
general properties, 75 
lustre, 77 
М-М bonds (see Bonds, М-М) 
radii, 79, 87 
solutions in Liquid NH,, 80 
Methane, 51 
Micas, 191 
Millon’s test, 386 
Mischmetal, 404 
Modes of decay 
alpha, 455 
beta, 454 
gamma, 455 
K-capture, 455 
neutron emission, 454 
positron emission, 454—455 
proton emission, 455 
spontaneous fission, 457 
Molecular orbital theory, 61-75 
d-d combinations, 67 
examples, 69—75 
non-bonding combinations, 67 
of complexes, 426 
of inert gas compounds, 286-287 
of metals, 81-85 
order of energy levels, 68, 71, 74 
p-d combinations, 66-67 
p-p combinations, 65 
rules for LCAO, 68 
5-р combinations, 64 
5-5 combinations, 62-64 
Molybdenum (see also Chromium group) 
323—334 
disulphide, 334 
extraction, 112, 334 
molybdates, 329-332 
Monazite sand, 404, 406 
Mond process, 110, 182, 366, 373 
Mulliken, 99, 477-478 
Multiplicity, 467-468 


Natta catalysts, 170 

n-butyl lithium, 137 

Nelson process, 131 

Neodymium (see Lanthanides) 394—405 
Neon (see also Group 0) 2, 19, 278-288 
Neptunium (see Actinides) 406—418, 416—417 
Nernst equation, 104 


Nessler’s reagent, 386 
Neutrino, 454 
Neutron, 1, 454 
bombardment, 335, 408 
emission, 454 
fast, 407 
/proton ratio, 453 
slow, 406 
Nickel group, 365—373 
arsenide, 41 
carbonyl, 110, 182, 366, 406 
complexes, 366—372, 424—425, 431, 436- 
439, 480-481 
complexes with olefins, 369 
extraction, 110, 366, 373 
low oxidation states, 366—367 
oxidation states, 365 
oxide, 45 
reactivity, 365—366 
(+1) state, 367-370 
(III) state, 371 
(+IV) state, 372 
(+V) state, 372-373 
(+УТ) state, 372-373 
Niobium (see Vanadium group) 315—323 
Nitrate ion, 217-218 
Nitric acid, 200, 216—217 
Nitric oxide, 73, 74, 200, 202, 214—215 
Nitrides, 26, 86, 131, 146, 201 
Nitrite ion, 215, 217-218 
Nitrogen (see also Group V) 200, 200—228, 
203, 208—209 
differences from rest of group, 201—202 
electronic structure, 2, 19 
extraction, 110, 208—209 
fertilizers, 204—205 
fixation, 204—205, 314, 326, 356 
halides, 211—212 
molecular structure, 71 
order of MO energy levels, 68 
oxides, 213—216 
oxyacids, 73, 74, 200, 202, 211, 214, 216— 
217 
reduction potentials, 202 
Nitrogen dioxide, 202, 215-216 
Nitronium ion, 217 
Nitrous acid, 200, 215 
Nitrous oxide, 200, 202, 211, 214 
Nobelium (see Actinides) 406—418 
Noble character, 98, 106, 296 
Nomenclature of complexes, 445—446 
Non-aqueous solvents, 124—125 
HCN, 199 
НЕ, 264 
NH,, 134—135, 209-210 
N,0,, 216 
Non-bonding combinations of orbitals, 67 
Nonstoichiometry in the d block, 304—305 
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Normal oxides, 244 
n-type semiconductors, 44 
Nuclear charge, shielding of, 155, 156, 174, 
400, 435—436 
Nucleus, 451—461 
binding energy, 456, 460—461 
density, 451 
energy, 456 
fission, 417, 451, 460-461 
forces, 452—453 
fusion, 461 
half-life, 455—456 
induced reactions, 459-461 
liquid drop model, 451 
magic numbers, 452 
modes of decay, 453—455, 457 
oscillation, 6 
radius, 451 
shell structure, 451 
stability and N/P ratio, 453 
Nylon 6, 205, 208 
Nylon 66, 217 


Occurrence of the elements, 109, 484 
Octahedral complexes, 422-423, 427—438 
distortion of, 436—439 
symmetrical arrangements, 436 
Octahedral holes, 33—34 
Olivine, 188 
Optical density, 475 
Optical isomerism, 180—181, 422-423, 448- 
449 
Orbital angular momentum, 5 
Orbital selection rule, 475-476 
Orbitals, 11—13, 46-47 
degenerate, 12—13 
non-bonding, 82, 83 
shapes of, 12, 46-47 
Orbitals, 2, 5, 7-8 
Orgel diagram, 479, 482 
Osmium (see Iron group) 346-357 
Oxidation number, 299—300 
Oxidation-reduction reactions, 106 
Oxides 
general properties of, 244—246 
of transition elements, 302—304 
Oxygen (see also Group VI) 2, 33, 229—254 
carriers, 253-254 
differences from rest of group, 231 
electronic structure, 2, 19 
extraction, 110, 232-233 
halides, 237-238 
hydrides, 235—237 
molecular structure, 71—72, 233-234 
organo derivatives, 253-254 
preparation, 111 
uses, 232 
Ozone, 233-235 
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Palladium (see also Nickel group) 365-373 
(II) acetate, 370 
complexes, 423—425, 439 
Paramagnetism, 72, 77, 119, 216, 266 
Paris green, 381 
Parkerizing, 225, 348 
Parke's process, 382 
Participation of d orbitals in bonding, 
58—59 
Paschen series, 3—4, 6 
Pauli exclusion principle, 17, 47, 68, 468, 
472 
Pauling’s 
adjacent charge rule, 211 
electronegativity, 99—101 
electron neutrality rule, 52 
p-block, 20-22 
Perborates, 160, 171 
Periodic table, 21 
Permittivity of vacuum, 4—6, 23 
Permutit, 192 
Perovskite, 41, 343-344 
Peroxides, 131, 144, 236—237 
bonding in, 72, 236-237, 244 
structure of ion, 72 
Peroxo sulphuric acids, 247, 251 
Pfund series, 3-4, 6 
Phenacite, 187 
Phosgene, 178, 183 
Phosphates, uses of, 225 
Phosphazenes, 227-228 
Phosphine, 206—207 
Phosphonitrilic compounds, 227-228 
Phosphorus (see also Group V) 200-228 
allotropic forms, 203 
extraction, 111, 209 
hydrides, 206, 208 
in fertilizers, 204—205 
-nitrogen compounds, 227-228 
organometallic compounds, 228 
oxides, 67, 218—220 
oxyacids, 67, 220-225 
oxychloride, 209, 212 
pr-dn bonding, 2 19-220 
pentachloride, 54, 58, 201, 213 
pentahalides, 213 
phosphoric acids, 209, 220-224 
phosphorous acids, 224—225 
reduction potentials, 202 
test for phosphates, 331 
trihalides, 211-213 
Photoelectric effect, 9, 44, 77, 129 
Pi bonds, 59-61, 65-66 
Pi mesons, 452—453 
Pi molecular orbitals, 65—66, 68 
Pidgeon process, 150 
Pitchblende, 406 
Planck’s constant, 5-6, 23 
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Platinum (see also Nickel group) 365—373 
complex with О„ 254 
complexes, 423—425, 439, 447—448 
metals, 346, 348 
Plumbane, 177 
Plutonium (see Actinides) 406—418, 416—417 
Polarizability, 102 
Polarizing power, 102 
Polonium, 229, 232, 233 
Polyhalides, 136, 274-275 
Polysulphides, 236—237 
Polythene, 170, 313, 328 
Polywater, 235-236 
Porphyrin, 149, 253-254, 351—352, 362-363, 
444 
Positive iodine, 256, 276-277 
Positron emission, 454—455 
Potassium (see also Group I) 128—139 
alum, 420 
bromide, 41 
chloride, 41, 44, 98 
in fertilizers, 204 
iodide, 98 
photoelectrons, 9 
sulphate, 204 
tetraphenyl borate, 133 
Praseodymium (see Lanthanides) 394—405 
Principal quantum number, 7, 8, 11, 13, 17, 
18 
Producer gas, 181 
Promethium (see Lanthanides) 394—405 
Protactinium (see Actinides) 406—418, 413 
Proton, 1 
Proton emission, 455 
Prussian blue, 352 
Pseudohalogens, 277 
p-type semiconductors, 45 
Pyroxenes, 189—191 
Pyrulsite, 334 


Quantum number 
J,467 
L, 465 
n, l, m, т„ 1-8, 11, 17-18, 68, 463-464 
5,467 
Quantum theory, 5 
Quartz, 76, 185—186 


Radial distribution functions, 14—17 
Radial function, 13—14, 17 
Radii 

covalent, 93 

metallic, 87 
Radioactive decay series, 458—459 
Radioactive displacement laws, 457—458 
Radius ratios, 32, 34-36, 38-39, 86, 135— 

136, 143, 187 


Radon (see Group 0) 278—288 
Raschig process, 207 
Red lead, 186 
Reduced mass, 6 
Reduction potentials 
chromium group, 324 
copper group, 374 
diagrams, 108—109 
Group Ш, 155 
Group IV, 174 
Group V, 202 
manganese group, 335 
table of, 107 
vanadium group, 317 
zine group, 382 
Resonance energy, 99—100 
Rhenium (see Manganese group) 334-346 
Rhodium (see also Cobalt group) 357—365 
complexes, 431, 439 
Rubidium (see Group I) 128-139 
Rules for LCAO, 68 
Russell-Saunders coupling, 467—468 
Rusting, 348 
Ruthenium (see also Iron group) 346-357 
nitrogen fixation by, 205 
Rutherford, 4, 8 
Rutherfordium (see Actinides) 406—418 
Rutile, 38-39 
Rydberg constant, 3, 6 
Rydberg equation, 6 


Samarium (see Lanthanides) 394—405 
5 block, 20-22, 128-153 
Scandium group, 305—308 
carbides, 307 
complexes, 307-308 
extraction and separation, 308 
halides, 307 
hydrides, 307 
oxidation state, 305—306 
oxides and hydroxides, 306—307 
size, 306 
Schottky defects, 41—42, 44 
Schrödinger equation, 9-17 
angular part of, 16—17 
conditions for solutions, 11 
radial part of, 14—17 
Selection rules, 475-476 
Selenium (see also Group VI) 229-254 
extraction, 233 
halides, 237—240 
hydrides, 235—236 
molecular structure, 233-234 
oxides, 240-241 
oxyacids, 251 
oxyhalides, 252 
uses, 232 


Semiconductors, 45—46, 85 
intrinsic conduction of, 46 
ionic mechanism, 42—43 
n-type, 44, 46 
p-type, 45, 46 
Sequence of energy levels, 19 
Shapes of covalent molecules, 48—61 
Shapes of d orbitals, 16, 426, 440 
Sherardizing, 348 
Sidgwick-Powell theory, 47—49, 50—53, 56-57 
Sigma bonds, 59 
Sigma molecular orbitals, 68 
Silanes, 177 
alkylchloro-substituted, 193—194 
Silica, 31, 39, 76, 172, 185—186 
Silicates, 154, 187-192 
Silicon (see also Group IV) 46, 171—199 
carbide, 198 
complexes, 175, 179 
extraction, 172 
halides, 178—181 
hydrides, 177 
organo derivatives, 199 
oxides, 185-186 
reaction mechanisms, 180—181 
silicates, 154, 187-192 
silicones, 193—195 
Silicones, 193-195 
Silver (see also Copper group) 374—382 
bromide, 42, 260, 377 
chloride, 42, 377 
complexes, 377, 439 
conductivity, 76 
cyanide, 198 
iodide, 42, 377 
oxide, 111, 377 
Soap, 137 
Sodamide, 211 
Sodium (see also Group I) 128-139 
aluminate, 160 
azide, 110, 209, 211 
bisulphite, 248, 260 
borohydride, 132, 164—165 
bromate, 260 
bromide, 43, 135—136 
chloride, 27, 34—36, 38, 41—44, 76, 97—98, 
135-136, 259 
chlorite, 237 
complexes, 137-138 
compounds with carbon, 136-137 
conductivity, 76, 133 
cyanide, 198 
electronic structure, 19 
extraction, 136 
flame colouration, 2, 129 
fluoride, 43 
hydroxide, 131, 259 
hypochlorite, 209 


503 
Sodium—contd. 
in liquid ammonia, 134—135, 210 
oxide, 131 
Solvent system of acids, 125 
Sommerfeld elliptical orbits, 7—8 
s orbital, 11-12, 46 
Spectra 
allowed and forbidden transitions, 338, 
415-416 
atomic, 2—3, 7, 8 
charge transfer, 179, 328, 336, 399, 429 
d-d, 312, 317, 328, 336, 338, 354, 429 
derivation of term symbols, 467—468, 472— 
474 
determination of ground state, 470-471 
electronic, 463—483 
ff, 398-399 
selection rules, 475-476 
Ti(III), 429 
Spectrochemical series, 430 
Spectroscopic states, 465—466 
Spectroscopic term symbols, 461-468 
Sphaelerite, 390 
Spin-orbit coupling, 343—344, 467—468 
Spin selection rule, 476 
Spin quantum number, 8, 17-18 
Spontaneous fission, 451,457 
Square-planar complexes, 438-439 
Standard electrode potentials, 104—106 
Standard reduction potentials, table of, 107 
Stannane, 177 
Steel, 357 
Stibine, 110, 206 
Strontium (see Group II) 139-153 
Structures of 
covalent compounds, 46-76 
ionic solids, 32-41 
layer compounds, 40-41 
metals, 79—80 H 
Suboxides, 185, 244 
Subsidiary quantum number, 8, 11-13, 17, 18 
Sulphamic acid, 243 
Sulphoxylic acid, 126, 127,246-247 
Sulphur (see also Group VI) 229-254 
dioxide, 60, 240—241 
extraction, 110,233 — 
hexafluoride, 57, 58, 237-238 
hydride, 235-236 
molecular structure, 233-234 
monochloride, 178, 240 
-nitrogen ring compounds, 252-253 
organo derivatives, 253 
oxyacids, 246—251 
oxyhalides, 252 
tetrafluoride, 56, 238-239 
trioxide, 60-61, 240, 242-243 
uses, 232 
Sulphuric acid, 246, 249-250 


| 504 


Sulphurous acid, 246—249 
Sulphuryl halides, 252 
Superoxide ion, 72, 131 
Superphosphates, 204 


Tantalum (see Vanadium group) 315—323 
Technetium (see Manganese group) 334—346 
Teflon, 179 
Tellurium (see also Group VI) 229-254 
extraction, 233 
halides, 237-239 
hydrides, 235-236 
oxides, 240-241 
Terbium (see Lanthanides) 394—405 
Terylene, 217 
Tetrahedral complexes, 439—442 
electronic arrangement, 442 
factors favouring formation, 441—442 
magnetic moments of, 442 
splitting of energy levels, 441 
Tetrahedral holes, 33-34 
Thallium (see also Group III) 154-171 
hydroxide, 161 
Thermal decomposition, 110—111, 171 
Thermite reaction, 112, 115, 151, 160 
Thermodynamics of reduction processes, 
113-116 
Thionic acid, 247, 250-251 
Thionyl chloride, 252 
Thompson, J. J., 4 
Thorite, 406 
Thorium (see also Actinides) 406—418, 412 
decay series, 458 
phosphate, 222 & 
Three-centre bonds, 145, 162—163, 169 
Thulium (see Lanthanides) 394—405 
Tin (see also Group IV) 171—199 
complexes, 175, 179 
extraction, 172 
halides, 177—179 
oxides, 186 
Titanium group, 308-315 
complexes, 309, 429, 431, 436, 476—477 
- (+III) compounds, 312-313 
dioxide, 38—39, 310, 437 
extraction, 112, 314—315 
nitrogen fixation, 205, 314 
organometallic compounds, 313-314 
oxidation states, 308—309 
phosphate, 222 
reactivity, 309 
size, 309 
spectra and colour ІТІ(Н,О), ]2+, 312-313, 
429,477 
tetrahalides, 311-312 
. Trans isomers, 423 
Transistors, 45—46, 172 
Transition elements (see d block) 


Transition series, 20, 22 
Tridymite, 185—186 
Triiodide ion, 56, 274—275 
Trimethylamine, 176 
Trisilylamine, 176 
Tungsten see also Chromium group) 323—334 
bronzes, 332 
carbide, 198 
tungstates, 329-332 
Turnbull's blue, 352 
Types of bond, 24-26 


Ultramarines, 192 
United atom method, 75-76 
Uranides, 409 
Uranium (see also Actinides) 406—418, 413- 
416 
decay series, 459 
fluorides, 259, 415 
halides, 415—416 
Urany] nitrate, 414—415 
Urea, 183, 204 


Valence bond theory, 46—61 
of metals, 81 
Vanadates, 322-323 
Vanadium group, 315-323 
cluster compounds, 319-321 
colour, 317 
complexes, 321, 323, 431, 476, 480—481 
extraction, 323 
halides, 317-321 
М-М bonds, 319-320 
oxidation states, 315-316 
oxides, 321—322 
reactivity, 316 
reduction potentials, 317 
uses, 323 
vanadates, 322-323 
vanadyl compounds, 322-323 
Van Arkel process, 110, 171, 315, 323 
van der Waals, forces, 31, 37, 40, 78, 121 
van der Waals radii, 92-93 
Variable valency in the d block, 299—301 
Vertical relationships in the periodic table, 
116-117 
Vitamin B,,, 362—363 


Walden inversion, 180 
Water, 53, 235-236 
Water gas, 181 $ 
Water softening, 192, 222-225 
Waterglass, 187 
Wave equation, 9—17 
angular part of, 16—17 
radial part of, 13-15 
Wave mechanics, 9 
Werner theory of complexes, 420-424 


Willemite, 187, 391 
Wrought iron, 357 


Xenon group, 278—288 
bonding, 283, 285—288 
fluoride complexes, 282—283 
halides, 281—288 
hexafluoroplatinate, 280-282 
oxides, 281—282 
oxyfluorides, 281, 284 
perxenate ion, 282 
xenate ion, 282 


Ytterbium (see Lanthanides) 394—405 
Yttrium (see Scandium group) 305—308 


Zeeman, 8 
Zeolites, 192 
Ziegler catalysts, 170, 243 


Ziegler-Natta catalysts, 313-314 " 
Zinc group, 382-391 CE 
alloys, 86—89 E 
basic zinc acetate, 386 
complexes, 385—386, 436 
conductivity, 76 
extraction, 111, 391 
general properties, 383—384 
mercury (-I) compounds, 386—389 
organometallic compounds, 389-390 
oxidation states, 382 
oxide, 44, 384 
reduction potentials, 382 
toxicity of mercury, 390 
Zircon, 187 
Zirconium (see also Titanium group) 308-315 
iodide, 110 
phosphate, 222 d 
Zone refining, 46, 172, 315 
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